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TRANSLATOR'S PREFACE 

The fascinating possibility of predicting the course of a chemical 
reaction from a few characteristic constants of the reacting 
substances seemed very far from realization after the ill-starred 
attempt of Berthelot. Eecent attacks upon this problem have 
been more successful, and the future is promising. 

Prof. Haber's book entitled " Thermodynamik Technischer 
Gasreactionen " is a most important contribution to this subject. 
It is a pleasure for me to assist in making this book better 
known to the English-speaking world. 

Professor Haber has thoroughly revised the German edition 
purposely for this translation. Many parts have been re-written, 
and the changes necessitated by the progress of the subject 
during the years 1905 and 1906 have been made. In those 
lectures where this involved too extensive alterations the 
original text has been adhered to, and the new results added in 
appendices. The appendix to the Third Lecture was trans- 
lated by Dr. Maitland, that to the Fifth by Mr. R. Le Rossignol. 

The translation of the first four Lectures was completed in 
its final form in the spring of 1906. 

It gives me pleasure to acknowledge the valuable assistance 
rendered me by Dr. M. H. Hunter in the reading of the proofs. 

ARTHUR B. LAMB. 

New York City, 

October Ut, 1907. 
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PREFACE 


During February of this year I delivered a series of seven 
evening lectures on the thermodynamics of technical gas re- 
actions, before several of my colleagues and a number of my 
younger research students. I could assume that my audience 
was familiar with the chemical and technical side of the subject, 
but was obliged to develop the mechanical theory of heat from 
its very foundations. These lectures, intended simply to intro- 
duce the subject for discussion by my colleagues and students, 
are here reproduced. 

Questions asked me after the lectures, and certain difficulties 
which were encountered in making the subject clear, have lead 
me to make my explanations here somewhat fuller, and to adopt 
the style of an essay rather than of a lecture. 

I have not made use of the atomic hypothesis in these 
lectures. This is not due to any antagonism on my part to 
this hypothesis. I am simply convinced that the application 
of the mechanical theory of heat to chemistry becomes easier 
and more comprehensible the closer we restrict ourselves to 
the heat and work effects of masses directly perceptible to our 
senses. 

In presenting the fundamentals of this theory, I have chosen 
Ji Hemholtz's point of view. From it a chemical reaction is 
considered to have a latent heat just as does any simple change 
in the state of aggregation. Consequently, in my presentation, 
the two parts into which total energy can be divided are not 
spoken of as free and hmind energy , but as reaction energy and 
latent heat. Various reasons have lead me to adopt this less 
usual nomenclature. In the first place, latent heat is a concrete 
entity appealing directly to our senses. The idea of " bound 
energy " is an abstraction. Then, too, the intimate theoretical 
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and practical connection between gas reactions and the disso- 
ciation and vaporization of solids can be much more readily 
appreciated from this standpoint. Finally, starting from it, 
there is no difficulty in grasping both the idea of a temperature 
coefficient of maximum work, upon which van't Hoff, Ostwald, 
and Nernst based certain special considerations, and the idea of 
entropy which underlies Planck's method of treatment. 

In connection with the work of Helmholtz, and particularly 
because of an article by van't Hoflf in the " Festschrift " pub- 
lished in celebration of Boltzmann's sixtieth birthday, I have 
discussed at length the influence of specific heats on the energy 
of gaseous reactions. The special importance of specific heats 
in this kind of reactions is fully discussed at the end of the 
Fourth Lecture. The methods of measuring specific heats, and 
the data we thus far possess in this field, have also been treated 
at length ; indeed, very much at length in some places, in order 
to permit the reader to criticize the choice finally made. Our 
knowledge of specific heats is at present so scanty that we 
must often trust. to a sort of expert instinct in selecting proper 
values, without being able in some instances to prove definitely 
that the chosen results are really better than those of some 
other investigator. 

The book has been written for the sake of technical rather 
than theoretical chemistry. I hope that it may facilitate both 
teaching and experimental investigation of the subject of tech- 
nical gas reactions. It is not a handbook, nor does it attempt 
a complete presentation of all the material, but rather a clear 
and exhaustive treatment of the more important cases. How 
well I have succeeded in this clarification must be left to the 
decision of my colleagues. 

Messrs. Gottlob and Moser have assisted me greatly in the 
many numerical computations contained in the book. I shall 
be grateful for notification of any inaccuracies of any kind which 
may be found. 

F. HABEB, 

CAnLSBUHE, 

May^atn, 1905, 
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THERMODYNAMICS 


FIRST LECTUEE 

THE LATENT HEAT OF CHEMICAL BEACTION AND ITS BELATION 

TO BEACTION ENERGY 

Gentlemen, — In these lectures I shall endeavour to make 
clear the significance of heat factors in gas reactions, with 
especial reference to the specific heats of the interacting sub- 
stances and to the heat evolved during the reaction. 

Thermochemistry concerns itself in general with the total 
amount of heat evolved (or absorbed) during the whole course 
of a reaction, but leaves quite untouched the question as to 
whether the reaction goes to completion in one direction or halts 
in an intermediate (equilibrium) condition. 

All simple gas reactions do halt at such equilibrium 
conditions, and are consequently incomplete. Often, indeed 
as a rule, this incompleteness only becomes perceptible at 
high temperatures.^ But phenomena at high temperatures 
are precisely what interest us here. In the region of low 
temperatures, gases often react very sluggishly with one 
another. The reaction velocities are then the governing 
factors of the process, and these are not to be predicted 
in advance from the standpoint of the theory of heat. The 
higher the temperature rises the less important do these factors 
become, while the equilibrium phenomena which are subject 
to theoretical treatment attain prominence. These equilibrium 
phenomena * are all that we shall concern ourselves with here. 

* Theoretically every reaction belongs to this class, and may therefore 
be termed reversible. But it must be possible to demonstrate experimentally 
this reversibility under any conditions if its theoretical consideration is to be 
scientifically useful. 

2 Here we mean only *' real " equilibria, which can be reached from both 
sides. The " false ** equilibria, which can be reached from one side only, 
and their relation to passive resistance and reaction velocity, will be 
discussed in the last lecture. 
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2 THERMOD YNA MICS 

They have often been discussed in relation to the mass action 
of the reacting substances, but the influence exerted by the 
specific heat of the substances has received but little attention. 
Le Chatelier,^ to be sure, showed long ago, in a comprehensive 
work on dissociation, the importance of specific heats, but this 
work was not accorded the general notice which it deserved. 
The result is that our knowledge of the subject is limited and 
the number of cases at our disposal is scanty. The subject 
has, however, so broad a significance that it is well worth our 
while to become conversant with it. Only when we consider 
the joint effect of mass action and the specific heats of the 
reacting substances are we able, from observations made at any 
one temperature, to draw inferences regarding the phenomena 
which will take place at a temperature, say a thousand degrees 
higher. The theory even affords us the expectation of being 
able to find out all about a gas equilibrium at high tempera- 
tures, simply from a knowledge of the heat factors concerned, 
without any experimental determinations of mass cu^tions.^ 
Satisfactory confirmation, however, of this last step is lacking, 
because our knowledge of the specific heats of gases is as yet 
too incomplete. 
Technical Gas reactions at high temperatures frequently possess a very 
of*iSr* great practical interest. We should mention, in the first place, 
reaotioM those heating processes where carbon dioxide and water vapour 
tempira- *^ formed. These substances dissociate at very high tempera- 
tures, tures into free oxygen, carbon monoxide, and hydrogen. The 
effect of temperature and the composition of the gas mixture on 
the dissociation of the carbon dioxide and the water-vapour is 
a first question of importance, which must be solved by means 
of the mechanical theory of heat. The two reactions — 

200 + 02^2002 (1) 

and 

2H2 + 02;^2H20 (2) 

are connected with one another by the relation — 

CO + H2O ^ CO2 + H2 .... (3) 

I An'nali& des Mines, viii. 13 (1888), 157. 

^ Since the publication of the German edition of this book, Nemst has 
given his views on this problem. See his *' Thermodynamics and Chemistry " 
(Chas. Scribner's Sons, New York, 1907). An account of them will be found 
at the end of the Third Lecture. 
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We can decide in which direction this so-called " water-gas 
reaction " will proceed at a given concentration of the four sub- 
stances in the gas mixture, and at a known high temperature, 
when the dissociation conditions represented in (1) and (2) are 
known. Dissociation of this kind also possesses a great signifi- 
cance in technical inorganic chemistry. The reaction — 


2S0a + 02^2808 (4) 

forms, as is well known, the foundation of the modem method 
of sulphuric acid manufacture. The two reactions — 

2HCl^Cl3 + H2 (5) 

and 

2H20:^2H2+02 (6) 

taken together, give us Deacon's chlorine process— 

2H2O + 2Cl2§ 4HC1 + Oa . . . . (7) 

The possibility of making ammonia from its elements, and 
nitric oxide, and consequently nitric acid and the nitrates, 
from the air, is governed by the relationships given by the 
mechanical theory of heat for the reactions — 

Na -h 3H2;|^ 2NH3 (8) 

and 

N2 + 02^2NO (9) 

The fundamental thermodynamic relations which we will The 
consider can be applied to the reactions of solids, liquids, and ^^^ 
gases. They are employed under the most varied forms, gas law. 
especially for molten and dissolved substances. But they 
assume a particularly simple form for gaseous substances, because 
in these the pressure, temperature, and volume are connected 
by a very simple relation, while in the case of molten or 
dissolved substances no similar general relation connecting 
these three quantities is known. This relation is — 

iw = ET (10) 

where p = pressure and v = volume. If we consider a mol as 
the unit of mass, experiment shows us that at a pressure of one 
atmosphere (i.e. at 760 mm. Hg at sea-level and latitude 45®) 
this unit of mass occupies 22*412 litres at a temperature of 0°. 
Equation (10) requires that the temperature be reckoned in 
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degrees on the absolute scale. The zero point of this scale is 
generally put at — 273° C. It is equal to minus the reciprocal 
value of the coeflScient of expansion of an ideal gas (^f 3). The 
coefficients of ordinary gases are very slightly different from this. 
By careful consideration of the deviation from the behaviour 
of ideal gases which ordinary gases show on compression and 
expansion it is possible to find the coefficient of expansion of 

ideal gases.^ It amounts to ^^^^^ The absolute zero there- 
fore is, strictly speaking, not at -273°C., but 0-09° lower.^ 
This difference will be too small to be considered in our later 
calculations, but we must take account of it here, in order to 
determine E with all possible precision. We then get — 

'^^^ «*" ^^'^^^ ^ ^ - nnft9n7 

constant — 273^09 "" 

in litre> 
atmo- 
spheres. This value of E is expressed in litre x atmosphere units (litre- 
atmospheres). If we compute the volume in cubic centimetres 
and the pressure in dynes per square centimetres, it becomes — 

Ti,. -n 22,412 X 76 X 13-596 X 980-6 ^ooicr- .as u -i. /^erg\ 
The g»8 E = — Kf^TT^ = 0*83155 X 10® abs. umts ( -^ 1 

constant 27309 V T / 

in absolute 

units. Here 76 is the height in centimetres of a column of mercury 

which exerts a pressure of one atmosphere ; 13*596 the weight in 
grams of a cubic centimetre Hg ; and therefore 76 x 13596 the 
weight of the mercury column which exerts a pressure of one 
atmosphere per square centimetre. Since the gram weight at sea- 
level and lat. 45° corresponds to 980*6 dynes, then 76 x 13*596 
X 980*6 is the pressure in absolute measure of an atmosphere 
on a unit of surface (1 sq. cm.) ; that is, the pressure on a 
piston 1 sq. cm. in area working in a cylinder containing 
1 mol (22,412 c.c.) of gas. 

For our purposes it is most convenient to measure E in heat 
units (gram calories). We therefore need to know the value of 
a gram calorie in absolute units. 

1 For the theory see Mach, " Prinzipien der Waermelehre " (1900), 2nd 
edit., p. 309 (or translation). 

« Daniel Berthelot, Z.f, Electrochemie, x. (1904), 621 ; and Nemst, idem,, 
629. 
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This value depends upon the temperature at which it is 
determined. At present it is usual to define a calorie as that 
quantity of heat which will warm 1 gram water from 15° to 16°.* 
The quantity of heat required to raise 1 gram of water from 0° to 
1° is gi'eater than this by 06 per cent. This somewhat larger 
zero-point calorie used to be (till about 1880) preferred. In its 
stead SchuUer and Wartha ^ substituted the quantity of heat 
necessary to heat 001 gram of water from 0° to 100°. (Ostwald * 
took a hundred times this value as a unit and called it K.) 
This " mean calorie " is very nearly equal to the 15° calorie.* 
The mechanical equivalent of heat has been set by the Committee 
on Units of the Deutschen Bunsengesellschaft as equal to 
41-89 X 10« erg.5 

We get from this — 

^ ^ 0-83155 X 108 . ^/ffram-calA ?.^!.?^! 


= l-98507(^--^i-) ~= 

\ r / in heat 


41-89 X 10« 

units. 

We shall use later, in our numerical calculations, the abbre- 
viated value 1*98, which is very near the exact value of R 
computed on the basis of the 15° calorie, the zero-point calorie, 
and the mean calorie. 

The reactions (1) to (9) all proceed till they reach an equi- Equili- 
librium. Indeed, the characteristic of the equilibrium condition 5"°!^ ^^^ 

. . . dnving 

is that there the reaction will not of itself spontaneously progress force of a 
in either the one or the other direction. Thiat is, the driving '*®*<'*ion. 
force of a chemical reaction is zero at the equilibrium point. 
If we know the composition of the gas mixture at equilibrium 
for any given temperature, then for any other composition of 
the gas mixture at the same temperature the driving force of 
the reaction is given by the distance from the equilibrium point. 
We should at first be inclined to call the reaction energy 

^ Or more accurately fix)m 15J° to 16^°. Compare Warburg's report on 
the unit of heat read before the Naturforscherversammlung in Munich (1899, 
** Bericht tiber die Verhandlungen," p. 62). 

2 Wied. Ann., 2 (1877), 365. 

3 Lehrh. d, allg. Ohemie, Tig (Leipzig, 1893), p. 72. 

* According toBehn (Drude*s Ann,, 16 (1905), 663), the mean calorie is 
greater by 0*03 per cent., according to Dieterici (idem.j p. 593), 0*2 per 
cent, greater, than the 15° calorie. Other figures are given by Planck 
(" Thermodynamik »' (Leipzig, 1905), 2nd edit, p. 31). 

6 Zeitschr,/. Elektrochemie, ix. (1903) 686. 
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the total work which a chemical reaction can do during its 
whole course. This definition, however, is unsuitable for 
theoretical treatment. 
Reaction The driving force of a chemical reaction changes continu- 
and^com- o^sly with the changing composition of the reacting mixture, 
poflition. The nearer we approach the equilibrium point where the re- 
action stops, the smaller does this driving force become. We take 
as units of transformation, the transformation of such amounts 
as appear in equations (1) to (9). Thus, in reaction (2), the 
change of one mol O2, two mols Ha, into two mols HgO is 
the unit of transformation. The reaction energy of every 
infinitely small fraction dx of this unit quantity is equal to 
the driving force A multiplied by the quantity transformed, 
that is A X dx. To get the total energy of transformation, we 
must find the sum of all the (Quantities Kx dx with the aid of 
the integral calculus, having first expressed A as a function of x. 
Such an expression would be awkward and involved. It is 
therefore better to consider the quantity of gas so great that 
the transformation of a unit quantity would have no appreci- 
able effect on the composition of the mixture, and consequently 
cause no appreciable change in its driving force. We then get 
for the product of the driving force into the unit quantity 
transformed (that is, one mol) the value A x 1 = A, and con- 
sider this as the reaction energy. The value A of the reaction 
energy, therefore, characterizes only a single tiny phase in the 
progress of the reaction, during* which the composition remains 
constant. It shows us, however, how far we are from the end 
of the reaction or the equilibrium point where A = zero, and 
this is the important thing. 
Measure The reaction energy A may be expressed in any units of 

enOTgy.*^^ energy which suit our convenience. In what follows, we shall 
always measure it in gram calories, taking for practical reasons 
as far as possible the 15° calorie as our unit of heat. However, 
the older data are often expressed without any precise definition 
of the calorie used, and the possibility even of a sure recalculation 
is not always afforded by the data given. The smallness of the 
difference between the mean, the zero and the 15° calorie makes 
this uncertainty less troublesome. 
How com- Considering the composition of the gas as invariable during 
position ^^ reaction, we are at liberty to express this composition either 
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in concentrations — that is, in number of mols per unit of maybe 
volume (litres) — or in partial pressures. The choice has a two- ®*P'®**®^' 
fold importance. If, for instance, we pass from conditions 
at one temperature to those at another, considering the com- 
position as the same in both cases, it makes a difference 
whether we express the composition in concentrations or in 
partial pressures. In the first case the concentrations remain 
constant, and therefore, too, the volume of the gas mixture. It 
follows that, on heating, the pressure of the gas mixture will 
increase. In the second case, however, the partial pressures, and 
consequently their sum, the total pressure, remain constant, and 
the volume will therefore be increased. We deem it simpler to 
take the concentrations as the determining factors of the com- 
position, and then to consider what small changes we must make 
in the formulsB we develop, in order to use partial pressures in 
their stead. There is also a second point of view. If we con- 
sider reactions in which a change in the number of molecules 
takes place, such as the formation of water or of ammonia from 
the elements, we find that it makes a difference whether we 
postulate a constant volume or a constant pressure, even when 
we restrict ourselves to the consideration of reactions at one 
temperature. If we denote the numbers of molecules by 
Vy v\ v" . . . , considering the number of molecules of dis- 
appearing substances as negative, we have, for instance — 

2FI2 + 02 = 2H2O 
v' = -2, v" = -1, v" = +2, and Sv = -1 

Na + 3H2 = 2NH3 
v' = -1, v" = -3, 1;'" = +2, and Si;' = -2 

then at constant pressure the volume increases during the 
reaction by Sv' X v (where v = volume of a gram molecule).^ 
External work is therefore done on the atmosphere which at a 
constant external pressure, p, amounts to (Siv)pv. At constant 
volume this expenditure of work does not occur. We shall see 
later that this expenditure of work may be eliminated from our 
formulae, and consequently does not interest us. At the start 

^ In both examples the change of volume is, of course, negative. 
^ In both examples the work done is negative. The gas mixture then 
has work expended upon it. 
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we shall make its consideration unnecessary by defining tLe 
compositions by concentrations expressed in mols per litre, 
and always adhering strictly to the rule (hat in every change 
which we may consider the volume shall remain constant. 

The position of the equilibrium is dependent upon the 
temperature. A mixture of gases which is in equilibrium at 
one temperature will not in general be so at another tempera- 
ture. The quantity A which measures the distance from 
equilibrium would have no definite meaning if we allowed the 
temperature to change in a gas mixture during the reaction 
phase we were considering when there was no perceptible 
change in composition. If, in a reaction such as the formation 
of water from a mixture of oxygen and hydrogen gas, we imagine 
that the process is resolved into an infinite number of very 
small stages, then the composition and the temperature too 
would remain constant in each separate stage, because only an 
infinitely small amount of gas would be transformed, and conse- 
quently only an infinitely small amount of heat liberated, so 
that the temperature would not perceptibly change throughout 
the whole mass of the gas. If, again, we consider the quantity 
of the gas mixture so great that the transformation of a mol 
produces no appreciable change in the composition, where con- 
sequently the value d<c can be taken as equal to 1, we also have 
a condition in >¥hich the heat evolved in the transformation 
of a mol becomes vanishingly small, for the reaction heat is 
distributed over the whole mass of gas. The reaction energy A 
then applies ordy when the composition and temperature of the 
reacting gas mixture remain constant. 

If we compare the conditions under which the reaction 
energy A, as defined, is to be determined, with those con- 
ditions recognized in thermochemistry under which the reaction 
heat is determined, we are confronted with an important 
diflTerence. In the case of the reaction heat, we make sure that 
the reacting substances shall be at the same or nearly the same 
temperature at the end as at the beginning of the reaction.^ 


^ Two principles find general application in calorimetry of gas reactions. 
According to one, the reaction is made to take place in a vessel surrounded 
by a large heat reservoir, usually a water-bath of known heat capacity, and the 
rise of temperature in this, seldom amounting to more than a few degrees, is 
measured. Wide experience shows that reaction heat changes but slightly with 
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It does not matter if some time during the reaction the 
reacting mixture is heated temporarily to a higher temperature, 
for, according to fundamental principles, the heat evolved is only 
dependent on the initial and final stages, and in the case that the 
initial and final temperatures are identical, it amounts to the 
same in the end as if the temperature had remained constant 
all the while during the reaction. Changes in composition 
during the reaction are permissible in the determination of 
the reaction heat, but not in the measurement of reaction 
energy. From the experimental standpoint, the reaction heat 
when a very small quantity, dx^ was transformed could not be 
actually determined, because it would be so small. The fact 
that the reaction heat, especially in the case of gases, is inde- 
pendent of the composition of the reacting mixture is decisive 
evidence that we can here neglect entirely the effect of changing 
composition. The reaction energy of the combustion of an 
oxygen-hydrogen mixture changes when we dilute the gas 
mixture with nitrogen, while the reaction heat remains 
unchanged. 

Let us consider a reaction at constant temperature and Reaction 
composition, in which neither mechanical nor electrical work is decrewe 
done, so that the heat evolved is a measure of the total energy of the 
change of the process. Since heat is liberated, the total energy energy. 
of the reacting substances evidently decreases. If the reaction 
heat, which we measure in the calorimeter, is independent of 
the composition of the reacting mixture, then it represents 
without any further correction the decrease in the total energy. 
(With dissolved substances we must test this independence from 
case to case. This is easy to do, by simply testing in succession 
each substance taking part in the reaction to see whether a 

the temperature. If, then, the temperature of the water-holder is raised from 
10° to 20° by the reaction, there is no objection to assuming that the observed 
value corresponds with all desired accuracy to that which would be obtained 
had the calorimeter a heat capacity a thousand times as great, and the 
initial and final temperature had been 14'996° and 15-006° respectively. We 
have, therefore, measured the reaction heat for the reaction taking place 
isothermally at 15°. The second principle has been embodidH by Junkers 
(Bueb, Journal fur Oasbd. u. Wasserversorgung, 1893, p. 81 ; Haber, idem.^ 
1897, p. 751) in a calorimeter which is very convenient for the technical 
study of gases. Here the reaction products are cooled to exactly the initial 
temperature by flowing water, on the principle of counter-currents. 
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change in its concentration causes an absorption or evolution of 
heat. If no such heat change takes place with any of the sub- 
stances, the reaction heat is independent of the composition. If 
such " heats of dilution " do appear, we have to determine to 
what extent they compensate one another. In the case of gases, 
the heats of dilution are very small, and for our purposes 
negligible.) The heat change corresponding to a unit amount 
transformed, as above defined, is called in thermochemistry the 
heat of reaction, or the reaction heat ( Warmetonung). For this 
thermochemical quantity we shall from now on use the symbol Q. 
For the decrement which the total energy undergoes when unit 
quantity is transformed at constant composition, we shall, accord- 
ing to the usual nomenclature, write the symbol U. The 
difference in the symbols will remind us that putting Q for U 
always involves the assumption that the change of the per- 
centage composition does not alter the reaction heat. 

We estimate the driving force of a reaction in synthetical 
chemistry by a sort of scientific instinct. We speak of stronger 
and weaker chemical reagents without measuring this strength 
in any specific units. 

In natural science we usually measure forces by opposing 
them with other known forces. Whenever the opposing force is 
of the same nature as the force to be measured, this method of 
determination is easily comprehensible. But while we can easily 
measure mechanical forces by the use of a balance and weights, 
and electrical forces by means of compensating and opposing 
electrical forces, it is not possible for us to measure the driving 
force in chemical reactions with opposing forces of a chemical 
nature. We must therefore make use of dissimilar forces whose 
connection with the chemical forces is not self-evident, and con- 
sequently not so easy for us to comprehend. Such unlike forces 
can be either of a mechanical or an electrical nature. Mechanical 
opposing forces cannot be employed unless the reaction is 
accompanied by a change of volume.^ For only in such cases 


1 Considered more exactly, opposed mechanical forces are not at all 
applicable to the measurement of the reaction energy of ideal gases, but only 
to the determination of the equilibrium point under various pressures. A gas 
reaction may be imagined to take place isothermically in a vessel with a 
movable piston, and the opposing pressure which at every instant it can 
compensate may be determined. If the vessel and the contained mass of gas 
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are reactions influenced by a change of pressure. Opposing 
forces of an electrical nature can be well employed in many gas 
reactions. For instance, the formation of water-vapour from 
oxygen and hydrogen, or of hydrochloric acid gas from chlorine 
and hydrogen, can be so carried on with the aid of heated glass ^ 
as electrolyte in the first case, or with fairly strong hydrochloric 
acid in the second case, that they will generate electrical energy. 
Arrangements which make this possible are called gas elements. 
The counter electromotive force which we must apply in order to 
just compensate the electromotive force of such a gas element is 
identical with the driving force of the chemical reaction taking 
place in the gas element. With most gas reactions, however, this 
procedure is impossible. Usually the only remaining alternative 
is to find by chemical methods at what composition of the gas 
mixture the reaction comes to a halt, regardless of the direction 
from which the equilibrium is reached. We then know that at 
this composition the driving force of the reaction is zero, and we 
may calculate its value at other compositions by means of well- 
known laws with which we shall shortly become acquainted. 

If on the one hand we determine the reaction energy in The latent 
the manner just described, and on the other the decrease of ^^^5^°^^ 
the total energy, then of course these two quantities might 
accidentally be equal. In general, however, these quantities 
have different values. The difference is most striking if we 
consider the last of the successive phases of the reaction — 
that is, the one at which the distance from the equilibrium, 
and consequently the driving force, is vanishingly small. The 
decrease of the total energy U is here just as large as ever. 
This decrease, however, can only give us heat, for the driving 

is so large that the composition is not altered by change of unit quantity, then 
the opposed force just compensated during this change remains constant. 
Then, however, the work which is done against the opposing force is for every 
newly formed gas mol =jpv, and quite independent of the nature of the reaction 
and of the value of the opposing force, «.c. of the value of the pressure ^. If 
we change the composition of the gas mass, and consequently its reaction 
energy, the pressure p becomes different ; the work ^v, however, is the same. 
This means that the experiment only gives the position of the equilibrium 
point at the pressure jp. 

^ Till recently, it has been assumed that water containing acid or alkali 
could serve this purpose. However this so-called " Grove's element '' has 
been proved to be incorrect, as will be seen in the Fifth Lecture. 
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force of the reaction is gone, and with it the possibility of 
generating electrical energy. If, in the element just mentioned, 
where hydrogen and chlorine combine to form hydrochloric acid, 
we choose such a concentration of chlorine, hydrogen, and hydro- 
chloric acid gas that the system is infinitely near the equilibrium 
point, then the electromotive force is infinitely small, although 
the reaction heat (corresponding to the formation of two mols of 
HCl) has now, just as before, the high value of 44,000 cals. By 
choosing various relative concentrations, we are enabled to give 
all possible values to the difference between the reaction energy 
A and the reaction heat Q. Further, at given concentrations, 
this difference is dependent on the temperature we choose. 
Every isothermal chemical reaction which proceeds with the 
production of the maximum amount A of work, is connected, 
according to temperature and to the concentration, with the 
appearance and disappearance of definite quantities of sensible 
heat. The whole application of thermodynamics to chemical 
processes hinges on this point. The development of chemistry 
is responsible for the fact that this connection never occurs to 
us in the case of ordinary chemical reactions, while it appears 
as wholly self-evident in the very closely related phenomena of 
change in the state of aggregation. In chemical reactions we 
are always inclined to assume that the reaction energy (which 
we measure by the amount of work which the process can 
do, as above set forth), is equal to the total energy change 
which we measure in the calorimeter. On the other hand, 
in the case of a simple change in the state of aggregation, 
we consider the very reverse as self-evident. In principle, 
there is absolutely no difference between the two classes of 
phenomena. 
Com- Let us imagine a large vessel, closed by a movable piston, 

SdthT containing water at a temperature of 100^ There is water- 
change in vapour above the water, and this, acting against the inside 
Bggrega- Surface of the movable piston, is in equilibrium with the external 
tion. atmospheric pressure. An increase of this external pressure 
causes the piston to sink and the water- vapour to condense. If 
we lessen the pressure, water will be converted into steam, and 
the piston will rise indefinitely, provided only that there be a 
suflBcient quantity of water present. In both the former and the 
latter case it is assumed that provision has been made for the 
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abstraction or introduction of heat in such quantities that the 
temperature is kept constant at 100°. When a mol of water 
vapour condenses^ an extraordinary quantity of heat, amounting 
to 9650 gram-cal., is set free. When a mol of water-vapour is 
formed from liquid water, the same quantity of heat is absorbed. 
The fact that in the formation of the water-vapour a small 
amount of work (pi? for one mol, i.e. 746 cal. at 100° C.) is done 
by the piston rising against the pressure of the atmosphere is 
unimportant, for this amount is negligible in comparison with 
the 9650 cal. Overlooking, then, this small quantity, we must 
admit that the heat of vaporization corresponds exactly to the 
total energy change in a chemical reaction taking place at, or 
very near, the equilibrium, which gives no work. When a 
change of state takes place at constant temperature, and sensible 
heat is absorbed or evolved, we say in everyday phraseology, 
according to the direction of the change, that in vaporization heat 
becomes latent, and in condensation heat reappears out of the 
latent condition. In the same sense, we can, with Helmholtz,^ 
speak of the latent heat of a chemical reaction, meaning thereby 
the difference between the maximum electrical or mechanical 
work A which we can get as the reaction progresses at constant 
temperature and constant composition, and the accompanying 
decrease in total energy, U. The latent heat of a chemical 
reaction, then, is that amount of sensible heat which appears or 
disappears when we cause the process to proceed furnishing, the 
largest possible yield of electrical or mechanical energy. On 
the other hand, it should be recalled that the decrease of total 
energy is equal to the heat which is evolved when we allow no 
electrical or mechanical work to be done. Both quantities are 
equal when the transformation is incapable of doing work (that 
is, in the case of chemical equilibrium). Otherwise they differ 
by the value of the reaction energy (work obtainable) of the 
reaction. This gives us the expression — 

A-U= -^ (11) 

Here we use — j to designate the heat which is used up, or, in 
other words, " becomes latent." ^ 

1 Vorlesungen, vol. vi. " Theorie der Warme " (edited by Richarz), p. 286 
(Leipzig, 1903). 

2 In these lectures, beat or work taken up by the reacting system is 


H THERMOD YNA MICS 

According to another mode of expression, likewise originat- 
ing from Helmholtz, A is called the decrease in free energy, q 
the decrease in bound energy.^ 

Just as the latent heat of vaporization of water changes with 
the temperature, so the latent heat of a chemical reaction is also 
dependent on the temperature. The fact that the latent heat of 
a chemical reaction is also dependent on the composition of the 
reacting mixture is the only point of dissimilarity. A change in 
composition is evidently impossible in the case of a mere change 
of state of a simple substance. 
Direct We are able in some cases to directly measure the latent 

"ont^iT ^^* ^^ reaction in a calorimeter. We can, for instance, allow 
the latent the reaction to take place in a galvanic cell immersed in a 
^®**- calorimeter, and put the resistances in which we convert its 
electrical energy into heat in a second calorimeter. We can con- 
nect the cell with the resistances by means of thick wires almost 
devoid of resistance, so that no appreciable electrical energy shall 
be converted by them into heat. When the element acts, we obtain 
an evolution of heat in the first calorimeter which represents the 
quantity q. We must, however, make a small correction for the 
heating effect of the current in the cell itself, this correction 
being easily calculated from the resistance of the cell and the 
current which passes through it. In the second calorimeter, on 
the other hand, we measure the reaction energy A in heat units. 
If we place both cell and circuit in a single calorimeter, instead 
of in separate ones, the generation of heat is the same as though 
we let the reaction take place in the calorimeter without 
electrical assistance. It corresponds, therefore, to the value of 
Q or U. Jahn^ has, indeed, carried out experiments of this 
kind with success. Gas reactions were not chosen as examples 
in these experiments. But so far as the principle is concerned, 

considered negative, heat given oif, or work done by the reacting system, is 
considered positive. According to (11)— 

that is, the decrease, U, in the total energy is equal to the work done, A, plus 
the heat evolved, q, 

* Sitzungsherichte Berliner Akad. (1882), 1, p. 22; and Ostwald's 
Klassiker, No. 124, edited by Planck. 

2 "Grundr. d. Elektrochemie " (Vienna, 1896), p. 180; Z. phys. Chem., 
18 (1896), 399. 
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there is nothing in the way of carrying out an experiment of this 
kind with gas reactions ; the formation of hydrochloric acid from 
hydrogen and chlorine, for instance. For this purpose we should 
have to pass hydrogen and chlorine in at the electrodes of a 
suitable cell, and then remove gaseous hydrochloric acid from its 
concentrated solution, which forms the electrolyte, as fast as it 
was formed, so that the cell would lose as much hydrochloric 
acid by evaporation as it gained from the union of the gaseous 
elements of the electrodes. The result would be an isothermal 
formation of hydrochloric acid with the production of electrical 
energy, which in turn would revert to heat in the second 
calorimeter, and would be measured as such. The more com- 
pletely we were able to avoid disturbances — such, for instance, 
as the polarization of the electrodes— so much nearer would 
the actual voltage of our cell approach its true electromotive 
force. But the electromotive force is equal to the driving force 
of the chemical reaction taking place. In the limiting case, 
where our electrodes are unpolarizable and our cell is of 
vanishingly small internal resistance, the electrical energy given 
oflf is equal to the reaction energy. If chlorine and hydrogen at 
atmospheric pressure be taken, the temperature kept at 30° C, 
and if the vapour pressure of the hydrochloric acid over its 12^ 
normal solution acting as electrolyte has the value correspond- 
ing to this temperature, then A, according to Dolezalek's^ 
determination, equals, for the formation of one mol hydrochloric 
acid gas, +22,509 gram-cal. The heat change observed in the 
first calorimeter, or y, then amounts to — 509 cal. The sum 
A+ff, that is 22,000, represents the well-known heat of forma- 
tion of one mol of hydrochloric acid gas. 

The use of more dilute hydrogen or chlorine or a higher ten- 
sion of hydrochloric acid above the solution, which would result, 
for instance, from the use of a hotter electrolyte, causes A to 
sink in value and q to rise. On the other hand, a higher pres- 
sure of the gaseous factors and a lower pressure of the resultant 
hydrochloric acid gas causes A to rise and q to fall. The sum 
A + y, however, is always equal to the reaction heat, which is 
not perceptibly aflfected by these changes. 

Our problem, then, is to determine the connection between Latent 
the latent heat q and the temperature and composition of a^®***°^ 

^ Z.f.physih. Chemie, 26 (1898), 334. to©. 
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mixture of reacting gases. We will first solve that part of the 
problem connected with the temperature, and we will do this 
in two steps. First, in view of the connection between latent 
heat and obtainable work as expressed in equation (11), let us 
take the simplest possible case where heat becomes latent and 
work is simultaneously done, and find out what connection 
obtains between the latent heat and the temperature. The 
second step consists simply in showing that the same relation 
holds in all cases, because it is inherent in the nature of heat 
and work. 
The Change in state of aggregation is not, as one might think, the 

^ugex- simplest case in which latent heat and work occur together, for 
periment. here the two states have different total energies. But the simple 
expansion of a gas, where, according to experiments of Gay 
Lussac,^ the total energy does not change, answera our require- 
ments. The total energy of a given mass of gas is made up of its 
chemical and heat energy. It is clear that as long as the gas 
does not change chemically, its chemical energy remains constant. 
The fundamental experiments of Gay Lussac have shown that 
the heat energy is not altered by changing the volume of the gas, 
provided no work is done. To prove this, he connected a large 
vessel (I.) full of gas by means of a stopcock with an evacuated 
vessel (II ). When he opened the cock, the gas rushed over into 
the evacuated vessel. Expansion took place in vessel I., and 
the gas became colder, as it had to compress the first portion 
of the gas that had rushed over. On the other hand, the 
temperature in vessel No. II. rose, because these first portions 
of gas were compressed by the following portions. After the 
pressure of the gas had become equalized, the half of the gas 
in the first vessel was cooler than the initial temperature by 
the same amount that the other half in the second vessel was 
warmer. Therefore the mean temperature of the whole mass of 
gas had not changed, as it must have done had the thermal 
energy of the gas changed and heat been absorbed or set free. 
The Gay Lussac experiment ^ was greatly refined by Joule and 

1 Mach, " Prinzipien der Warmelehre," 2nd edit. (1900), pp. 198 and 
310 ; also in the English translation. 

2 An illuminating criticiem of this experiment and later ones by Gay 
Lussac on the same subject is to be found in an article by Regnault, 
Memoirs de Vacademie, 26 (1852), 11. Compare also the Sixth Lecture. 


'•^ 
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Thomson.^ They forced a constant stream of a compressed gas 
through a piece of boxwood, enclosed in a tube impermeable to 
heat. The pressure in front of the boxwood plug was P ; behind 
it, j9 ; that is, the gas expanded from a higher to a lower pressure. 
No heat was absorbed or given off during the process, and no 
work was done; therefore, had the total energy of the gas remained 
unchanged during the expansion, the temperature must have been 
the same behind as it was in front of the plug. The experiments 
showed that this was not strictly the case, although the more 
nearly the gas used adhered to the laws for an ideal gas, the 
smaller was the change in temperature on passing through the 
plug. We may therefore say with all rigour that the total 
energy of an ideal gas is independent of the temperature, but 
that with actual gases there are small deviations from this rule, 
especially at low temperatures.^ Yet for our purposes the 
deviations are entirely negligible. 

If we now let a gas expand and do work, keeping the Isotbcrmai 
"^^ temperature constant, we find that heat becomes latent. ^^P*"^^^^"- 
Eemembering that the total energy of the gas does not change 
with changing volume, we conclude that the heat which 
becomes latent, that is, was used up, is the equivalent of the 
work done. To conclude otherwise would be equivalent to 
saying that energy had either vanished into nothing or had 
been created out of nothing, and that the principle of the con- 
servation of energy had been violated. Now we can easily 
determine the amount of the work done. When a gas expands 
at the pressure p by the infinitely small volume dv^ an infinitely 
small amount of work ^ is done, and — 

dA=:pdv (12) 

If, making use of equation (10), we replace p by — , we have — 

rfA = 51^ =, -RTdlnv .... (13) 

1 PhU. Tram. Boy. 80c. Lond., 1853, 367 ; 1854, 321 ; 1862, 579. 

^ These deviations have the greatest interest in other connections. In 
the first place, Linde's beautiful method for the liquefaction of the air depends 
upon them. In the second place, a study of these deviations is the only 
means at our disposal for accurately determining the absolute zero of 
temperature, of which we spoke at the beginning of this lecture. 

3 Work = force x distance; force = pressure x area; volume = area 
X distance. 

C 
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The continuation of the isothermal expansion which furnishes 
the work represents the sum of all these infinitely small 
quantities 'RTdlnv, If the initial volume be v and the 
final volume v\ we can easily find this sum by means of the 
integral calculus {In signifying natural logarithm) thus — 




dkiv = RT/n - . . . (14) 


Remembering that here the work done is identical with the 
heat which becomes latent^ we get — 

A = KFln-^ -q .... (15) 

This important formula does not by any means say that the 

work A miLst always be done when a gas expands isothermally 

from the smaller volume v to the larger volume v\ We only 

need to call the Gay Lussac experiment to mind in order to see 

that the term A can become equal to zero. Every possible 

v'' 
value of A between zero and Kiln- is not only conceivable, but 

v' 
attainable. The value RTln— is, however, a maximum one. 

V 

If we try to bring the gas back isothermally from the greater 
volume V* to the initial volume v, we need to expend 
more or less work depending on the efficiency of our com- 
pression machine. But here jCgain the minimum value of the 
work required is A. The maximum production of work is 
therefore that which accompanies a process taking place 
reversibly. It represents the ideal limiting case of actual work 
production which only a frictionless compression machine could 
realize, and then only when we took care that the adting and 
opposing pressure never difiGsred by a finite amount at any 
instant of the process. Let us consider the same process to be 
carried out, at a temperature higher by an infinitely smaller 
amount, in such a way that the initial and final volumes are 
the same; then — 

A + rfA = E(T + dT)ln- = -(q + dq) . (16) 

Subtracting (15) from (16)— 

dA = ^dTln- (17) 

V 
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On the other hand, we get from (15), dividing through by T — 


-l-R'4 


It follows from this that — 


-i = i^- (19) 


T d1 
or, differently expressed — 

Equation (20) gives us an expression in which the latent heat is 
equated to the product of the absolute temperature and the 
" temperature coefficient." This temperature coefl&cient re- 
presents the increment of work which we gain when we carry 
out the above process at a temperature higher by an infinitely 
small amount dT, divided by this temperature difference. 

It now remains for us to show that this relationship is not General 
conditioned by the properties of the gas, but is inherent in the ^uity^^f 
nature of heat and work ; that it applies to all latent heats so equation 
long as we restrict ourselves to isothermal processes yielding ^^^' * 
the maximum amount of work. To this end we will represent 
diagramatically in Fig. 1 the procedure we have just carried 
through with a gas. We will assume that the perpendicularly 
shaded area represents work which we gain when we let a mol of 
gas expand from t; to i;' at a temperature T + dT, and starting at 
the pressure p + rfp. Then let us consider that the temperature 
is decreased to T by the abstraction of an infinitely small quantity 
of heat dg', and that the process is now made to go in the reverse 
direction with an expenditure of work represented by the 
obliquely shaded area. Baising the temperature by the amount 
dT brings us back to the starting-point. The heat used up at 
T + rfT we get back at T. The infinitely small amounts of 
heat absorbed and given off in the process of heating and 
cooling cancel There remains only the infinitely small quantity 
of work dA, resulting from the falling of the heat q^ through the 
temperature interval dT. This is represented in the diagram 
by the narrow band containing only vertical shading. Now let 
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US imagine the same process carried out, not with a gas, but 
with any desired aystena. Our sole condition is that the 
process shall produce the maximnm amount of work, and that 
thereby the heat q shall be absorbed (become latent). Any 
desired changes of the total energy are permissible. Nor does 
the work done need to be mechanical, it may be electrical. 
Here, too, the final result ia that everything returns t» its 
original condition except that q has fallen in temperature by 
the amount dT. If in this second case a different yield of 
work were obtained, it would be possible to construct a 
perpetual-motion machine. If, for example, the work yielded 
by the second system were greater, then we should first execute 

' \ 


the cycle with it and obtain the work dA, We should then 
repeat the cycle in the reverse direction with the first system, 
and thus raise g back to its original temperature T + dT, with 
a net expenditure of work less than (JA. The result would be 
that a ceriiain amount of work would remain over without the 
temperature, or any other property of the substances concerued, 
having in any way changed. We should therefore have created 
work out of nothing.^ It follows from this that the relation (20) 

1 The fact that formula 20 applies not only to gaseous processeB, but also 
to all processes in which heat and work are coupled together, conslJtuteB the 
eo-caJled second law of thermodynamics. This second law cannot be 
deduced from the first law (conservation of energy) alone, though it may 
scein to have been done so in the above proof. Indeed, there is an assump- 
tion concealed in the deduction, which has nothing to do with the law of 
conservation of energy. Tbia assumption, which will be more fully enlarged 
upon later, is that the temperature is always reckoned from the abaolute zero 

If the quantity of heat q falls in temperature by (2T, as explained in the 
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applies to all systems, provided the change takes place at 
constant temperature and with the production of the maximum 
amount of work. This permits us to substitute equation (20) 
in our fundamental equation (11), and to write — 

A-U = T^^ (21) 

We can make a slight change in the method of writing this _ ig the 
equation, which will serve to remind us that the heating and partial 
cooling through rfT is always considered as taking place at^®^^^ 
constant volume. This assumption of constant volume was with re- 
made in the derivation of the expression, and is of importance, ®P^°* ^ ^* 
because it obviates any work being done by the heating or 

text, a part dq of it is used up and converted into work. This quantity of 
heat is the same iu processes T. and IT., since the values ^, T, and (fT are in 
hoth processes equal by supposition, and are connected by the expression — 

a- : (^ = T : dT (a) 

This expression applies, as Mach has thoroughly demonstrated, to all forms 
of energy. In every case where a quantity of energy c at a constant value % 
of its " intensity factor " changes its form, the expression — 

c\dc =• %\di (J) 

holds good. Now, according to the first law, we have — 

— (?A = dq 

From this formula 20 obviously follows without any consideration being given 
to the special properties of heat. 

With all other forms of energy % may be reckoned from any arbitrary 
zero point, while with heat it is only possible from the absolute zero 
point, if the expression a is to agree with experimental evidence. If we 
change the zero point from which % is reckoned in equation J, dG will become 
different, though c and di remain the same. If it is only allowable to reckon 
T from the absolute zero point, dq^ will always have an unchanged value for 
same values of 5 ^nd dT. An indirect proof of this fact is generally con- 
sidered necessary. Suppose in processes I. and 11. dq has the different 
values d(l and dj", then the corresponding work must be dk! and (?A". 
If now processes I. and II. are combined, so that one always takes 
place forwards and the other backwards, any amount of heat we please 
may be changed into work without anything else undergoing permanent 
change. The impossibility of this, which will be enlarged upon in the Third 
Lecture, is the result of general experience. Thus, d^ and c^j" ™^st be 
always equal. Since, however, from these indirect proofs nothing more than 
the necessity of reckoning T from — 273° C. is proved, it seems simpler to 
start here from this assumption, and later to explain its importance more fully. 
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cooling through the interval dT which could disturb the balance 
of heat and work in the cycle. That is, we can simply use 

the notation \-^ff\ for the temperature coeflBcient This shows 

us that A is dependent, not only on the temperature, but also 
on the volume, and that during the change eiT the volume is 

kept constant. (-tFt,) , therefore, represents the 'partial differ- 
ential of A with respect to T. So we can write — 


A-U =T 


/dA 


\ (21-) 


tS^oT' ■'■^ ^^ ^® useful in our later discussions to slightly re- 

equation arrange this equation, transposing the members, and at the 
^^^^' same time dividing through by T^. We then have — 

\ dk A U 

T ^ dT "" T^ " T2 

Further, by the elementary principles of the differential 
calculus — 

4t/ 1 dK A 

= 7i^ X 


^ T dl T^ 

and therefore — 


^l„. ^ 


(22) 


Integrating this expression, we get — 

f =/(^)-/§'^T (23) 

Here, instead of the constant which appears in the integration 
of a complete differential, we have a function f(v) of the 
variable (volume), which was assumed constant in the differ- 
ential. We can further transpose (23) into — 


A = Tx/(i;)-T/.j^rfT. . . . (24) 


If we replace the change in the total energy U by the reaction 
heat Q, it follows that — 


A = Tx/(^)-t/^(ZT .... (25) 
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Thus the quantity A is dependent on the heat of reaction, 
the temperature, and the volume, and because of the very nature 
of heat. 

This expression is not immediately applicable, because we 
do not yet know anything further about the volume function 
f{y) or the integral — 

Q 


/ 


We shall concern ourselves further with them in the Third 
Lecture. Here we shall simply consider a little more closely 
the relation we have just derived between heat and work. 

If, remembering equation (15), we write — Peculiari- 

, ties of 

■nmr '^ latent 

-9 = KT/?l— lieats. 

and 

-^' = ET771- 

it follows (for processes where U = or independent of T) 

that— 

? : ?' = T : T' (26) 

This relation says that the latent heat of an isothermal process 
yielding the maximum amount of work is proportional to the 
intensity factor of its heat — that is, to the temperature. If, 
then, we leave everything as it is, and simply exchange the 
temperature 2T for the temperatue T, then the latent heat, that 
is the heat converted into work, would be twice as great. This 
exceedingly simple relation also exists in energy transforma- 
tions of other kinds. When we use the energy of position 
which a lifted weight possesses to drive clockwork, and by 
it an electric motor, the height through which the weight falls 
represents the intensity factor of the position energy which we 
transform into electrical energy. We see immediately that if 
we let the weight fall twice as far, we consume twice as much 
position energy. When we send a certain quantity of electrical 
energy at the voltage E into a circuit where electrical energy 
is converted into heat or mechanical energy, evidently the 
doubling of E, the intensity factor, doubles the consumption of 
electrical energy, provided none of the other conditions are 
altered. The relation expressed in (26), therefore, represents an 
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entirely general law. It has, nevertheless, a specific peculiarity. 
When the weight sinks, the intensity factor is represented by 
the difference of height (between initial and final position) ; in 
the electrical example, by the difference in potential at the ends 
of the circuit where the energy is used. But in the heat-work 
processes, where heat becomes latent, that is, where heat is 
used to do work, the ahsolute temperature must be taken as the 
intensity factor, and expression (26) becomes incompatible with 
experience when we choose any other zero point for our tempera- 
ture scale. We can express this in another way by saying that, 
in the case of heat as well as electrical and mechanical energy, 
the difference of the intensities is the determining factor, but 
in the case of heat, we must reckon the difference between the 
given temperature and the absolute zero point, while in other 
energies we may arbitrarily choose any relative zero suitable 
to the conditions of the experiment. So far-reaching is this 
difference that we have absolutely no conception of an absolute 
zero of position energy or electrical potential. It is, of course, 
a pure convention to take the sea-level or earth potential as a 
zero point. Weight can sink below the level of the sea, and 
potential can be negative relative to the earth. Conversely, 
the absolute zero has acquired such importance in heat-work 
processes, because of the relationship expressed in equation 
(26), that temperatures are exclusively reckoned from it in all 
thermodynamical calculations.^ 
Differfince The theory of practical heating processes often makes use 
funda- ^^ ^^ expression similar to the one we have just considered — 

mental . / j . jr 

lawBfor ^:^ =^: ^ 

heats and where by w we understand the heat which a body contains at 

uuiiz^tion ^° ^** ^^^ ^y ^'' ^^** ^^^'^ ^^ contains at ^'° C. The meaning of 

of beat, this expression is, however, entirely different. It has nothing 

to do with heat-work processes, but simply with heat transfer 

without the performance of work. For the purposes of this rule, 

therefore, temperatures can be just as well reckoned in degrees 

Celsius as from any other arbitrary zero point. 

Conditiong One observation still remains to be made with regard to 

governing ^^^ conditions Under which sensible heat can be transfoimed 

the ISO- 
thermal J g^^ ^^^^^ <«Prinzipien der Warmelehre" (Leipzig, 1900), p. 328: 
" Uebcr die Konformitat iind die Unterschiede der Energien." 
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into work at constant temperature. It is that some process of trana- 
dilution, such as we have just seen to occur in the case of the o^h^^^r*^ 
expansion of a gas, must always take place. Every such into work, 
dilution is naturally limited, for it will only continue to pro- 
gress so long as the pressure, steadily diminishing in the course 
of the dilution, is greater than that of the surroundings. If no 
pressure differences existed, the process of dilution and the conse- 
quent conversion of heat into work would be impossible. Now, 
where chemical reactions are taking place in gaseous, liquid, or 
molten mixtures, substances appear and disappear under certain 
concentration relationships. Every newly formed fraction of a 
reaction product must assume the concentration of the fraction 
already present. Every disappearing fraction of a reacting 
substance must relinquish a certain state of concentration as it 
ceases to exist. These unavoidable concentration changes are 
responsible for the existence and the importance of latent heats 
in chemical reactions. 

Eetuming now in conclusion to the expression — The prin- 

• oiple of 

A TT TT I rn»A Berthclot, 

A= U-J=U + 1-j^ andHelm- 

^^ holtz's 

we shall be able to understand the significance of the member onJ!'^^™ 

dk. 
T^ if we consider a contention made by Berthelot. Berthelot 

maintained that U and A were equal if changes of state were 

excluded. He realized well enough that the latent heats 

accompanying change of state disturbed this relationship. But 

he erred in thinking that by excluding changes of state he 

prevented all latent heats from coming into play. Helmholtz 

therefore (/.c.) pronounced Berthelot's limitation as insufficient. 

Latent heats are only completely excluded in one case, and that 

is when the reaction takes place at absolute zero. In this 

case — 

A = U 

In every other case a diflference is possible, its size depending, 
according to equation (25), on the concentration relations (/(v)) 
in the reaction, and on the temperature. At given relative 
concentrations the deviations are greater the higher the tem- 
perature. At all temperatures relative concentrations can exist 
at which A and U are very different. Practically, however, 
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concentrations vary only within quite narrow limits. If the 
substance disappearing in a reaction be so far used up that only 
1 i^ P^^ ^^^* ^^ ^^® original substance remains, we call the reaction 
complete, and do not concern ourselves with the great diflference 
between reaction heats and reaction energies in the transforma- 
tion of these last traces. At the ordinary temperature of about 
20° C, which does not lie veiy high on the absolute scale 
( + 293°), and in the really important regions of greater con- 
centrations, the difference between A and U is not, as a rule, 
very great, and Berthelot's rule affords a useful approximation. 
This rule, however, cannot be applied to gas reactions, for these 
often take place at temperatures which are higher by many 
thousands of degrees. 


SECOND LECTUEE 

ENTROPY AND ITS SIGNIFICANCE IN GAS REACTION 

The expression — 

A = U-j (1) 

which we have treated in the preceding lecture, takes an espe- 
cially simple form in the case just mentioned of a gas expansion, 
because the total energy of the gas does not change in isothermal 
expansion, that is, the quantity U is equal to zero. 

In the case of chemical reactions we substitute the reaction Reaction 
heat Q for U. This statement, however, is not definite enough, tempero- 
In the first place, it is clear that what we mean is the reaction ture. 
heat at the temperature of the reaction. Now, the reaction heat 
generally changes with the temperature. The extent of the 
change depends, as Kirchhoff has shown, on the specific heats of 
the substances formed and used up in the chemical reaction. 
If it were possible to carry out gaseous reactions at the absolute 
zero without having the gases suffer any change in their state 
of aggregation or losing any of their ideal properties, we should 
find a reaction heat which could be connected with the reaction 
heat at the temperature T by a simple consideration. That is, 
if we imagine the reaction to take place at the temperature T 
with a gain of heat Qt, and the resulting product to be then 
cooled down to absolute zero, we should obtain the same net 
amount of heat as though we had first cooled the factors of the 
reaction to absolute zero and then allowed the reaction to take 
place with a heat gain of Qo. 

If Cc(o.T) be the mean specific heat of the products between 
0° and T°, then the net gain of heat in the first procedure 
would be Qt + Tce(o,T); in the second procedure it would be 
Qo + T9-(o,T> where c^(o,t) is the mean specific heat of the factors. 
Since these two quantities are equal, it follows that — 

Qt = Qo + T(c^(o,T) — ^«(o,T)) ... (2) 
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Heat We must here say a word in regard to mean and true 

rn^n and specific heats, and the relation between heat capacity and true 
true specific heats. Heat capacity may be best defined as the 

heate.^ amount of heat which must flow into a unit quantity of a 
substance in order to raise its temperature 1°. If we designate 
this quantity of heat as w^ this definition is equivalent to the 

more precise statement that the heat capacity is -^ ; that is, 

it \s equal to the quotient of the very small increment of heat 
over the rise in temperature which it causes. The same 
quantity is also called the true specific heat of a unit mass at 
T°. Strictly speaking, the specific heat is, to be sure, only the 

ratio between the above-mentioned value, -^fs, and the similar 

aT 

value, -^, of a standard substance. But since 1 gram of water 

at 15° is taken as the standard substance, for which -^ equals 

unity, it follows that the ratio and the quantity itself are 
identical. The two expressions are, in fact, used interchange- 
ably.^ If we represent the true specific heat by c^y then — 

c^X dT = dw (3) 

or, since we can here just as well use Celsius degrees, no heat- 
work process being involved, but only a pure transfer of heat 
from one substance to another, we can write — 

Cy,X dt = dw (3a) 

If we integrate this expression between 0° C. and f, or between 
0° absolute and T° absolute, we get — 

^ For instance, see Wiillner, " Lehrbuch der Experiraentalphysik,'' vol ii., 
5th edit. (Leipzig, 1896), p. 169. Th. W. Richards (J^./. phys. Chemie, 36 
(1901), 358) lays stress on the rigorous definition of heat capacity (as calories 
divided by degrees), and at the same time makes the proposal to take as a 
unit of heat capacity the capacity which is warmed 1° C. by 1 joule (that is, 1 
watt-second, or 10^ erg). He calls this capacity 1 mayor, and a thousand 
times this capacity 1 kilomayer. This suggestion fits into a system of heat 
measurement which Ostwald has introduced in the third edition of his 
" Grundriss der allgemeinen Chemie," according to which the calorie will no 
longer be the unit quantity of heat, but will be replaced by the thermal 
equivalent of a joule. From a theoretical point of view, this system would 
result in some simplifications, but as yet it has met with no acceptance. 
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W'CO.T) = I C« X rfT = C«(o.T) X T ... (4) 

/ 


or 


.0 = \c„xdt== (j«(o.o X ^ . . . . (4a) 
J 


Here c,»(o.t) signifies the mean specific heat between 0° and 
T° on the absolute scale ; c^o, ^^^ mean specific heat between 
0° and f C. The two values are by no means always iden- 
tical. They are identical among themselves, and with c^ 
when Cw has the same value at all temperatures. On the other 
hand, if c^ has a different value at different temperatures, all 
three quantities, c», Cm(o, t), and c^(o. t), differ from one another. 
The simplest relation exists between the true specific heats and 
the temperature when the equation — 

c„ = a + bt (5) 

holds. If we replace t in it by (T — 273), we get — 

e„= a + bT - 6273 
If we call — 

a - 6 X 273 = a' 
we can write — 

c« = a' + 6T (5a) 

In the first case we find, from (4a) and (5) — 

[ c^dt = ( (a + bt)dt = (a + \bt) xt. . (6) 

J Q Jo 

in the second, from (4) and (5a) — 

Cc^dT = fV + bT)dT = (a' + ibT) X T . (6a) 
Jo Jo 

Comparing (5), (6), and (4a), it follows that — 

Cm(o,o =^ a + ^bt 
and 

c„ ss a + bt 

On the other hand, from (5a) and (6a) and (4) — 

Cm(o,T) = a' + ^6T 
c^ = a' + bT 

If, then, the true specific heat is a linear function of the tem- 
perature, it differs from the mean specific heat between 0° and 
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the temperature in question, simply in the fact that its second 
member is twice as great. We shall have frequent occasion, in 
the progress of our lecture, to make use of these formulae. Just 
now, we will simply point out that according to (4) the mean 
specific heat between and T may be considered as the heat, w, 
which is necessary to raise unit mass of a substance from 

absolute zero to T°, divided by the temperature T ; that is -^ 

In our later statements we shall not give the specific heats 
referred to in the usual unit of mass, the gram, but use the 
product of the specific heat per gram into the molecular weight. 
We call this the specific heat per moL Ostwald calls it the 
" molecular heat." 

If we return to what we were discussing at the beginning, 
we may say that in the second place the reaction heat of a gas 
reaction is dependent on whether the reaction takes place at 
constant pressure or constant volume. The diflTerence existing 
between the reaction heat at constant volume and that at con- 
stant pressure may be ascribed either to work done against the 
atmosphere when the reaction is accompanied by an increase 
in volume, or to work done on the gases by the atmosphere 
when the reaction is accompanied by a decrease in volume. As 
we know from thermochemistry, and as we pointed out in the 
First Lecture, this work is ^w^Sv , or RTSv', where Sv' in the 
equation representing the reaction represents the sum of all 
the numbers of molecules (the number of molecules of the 
factors being counted as negative). We have decided to 
consider work done by the chemical reaction at constant volume 
the basis of our calculations. Hence Qt and the specific heats 
in equation (2) are to be taken at constant volume. The specific 
heat of an (ideal) gas at constant pressure, referred to one mol, 
is greater than the specific heat at constant volume by the 
quantity R (i.e. 1*98). If, for the sake of brevity, we substitute 
<T for the difference appearing in equation (2), first assuming 
that <T has the same value at all temperatures, and add the 
index v in order to show that this difference (a) is taken at 
constant volume, we get — 

U = Qt = Qo 4- <T J (7) 

and from (1) — 

A = Qo + <7,T - ^ 
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We will now consider the " latent heat of reaction," q, from Latent 
another standpoint. In the first lecture we discussed its entropy, 
relation to the temperature, and became familiar with the 
simple case (First Lecture, equation (26)) where — 

If we denote the quotient ^ by S, then, in general, we may 

write (1) and (7) as — 

A = U - TS = Qo + (7„T - TS . . . (7a) 

Clausius, who introduced this term into the theory of heat, 
called it "entropy." Helmholtz^ published a fundamental 
discussion of the role it plays in chemical reactions, and Planck ^ 
developed the subject systematically. 
We found before that — 

-? = T^^ w 

from which it immediately follows that — 

-s = ^ (9) 

It therefore amounts to exactly the same thing whether we 

base the statements upon the peculiarities of the quantity S or 

dA. 
of the quotient -^, and only formal differences can incline us 

to use the one instead of the other. In this lecture we shall 

first make our calculation using the entropy S, because we can 

thus deduce the final formula in a more perspicuous manner. 

Later we shall obtain the same formula by another method, 

involving several steps and making use of the temperature 

dA 
coefficient of the maximum work, -1^. 

At the outset, we will once more call to mind that — g^ 
represents the heat taken up in an isothermal process yielding 

^ Helmholtz, "Zur Thermodynamik chem. Vorgange," Sitzungsherichte 
der KgL Pr^w^s. Akademie, Berlin, 1882, Ist half- vol., p. 22 ; and Ostwald, 
"Klassiker der exakten Wissenschaften," vol. 124; "Abhandl. zur Ther- 
modynamik chemischer Vorgange," von H. Helmholtz, edited with notes by 
M. Planck (Leipzig, 1902). 

2 Planck, " Thermodynamik." Leipzig, 1905. 
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its maximum amount of work as it progresses. If we imagine 
the heat to be resolved into an intensity factor and a capacity 
factor, S is the capacity factor of the heat in such a process. 
The quantity S, therefore, shares with the specific heat (mean 
specific heat between 0° and T°) the peculiarity that it is the 
quotient of a certain number of calories divided by the absolute 
temperature. But these two numbers of gram calories signify 
very different things. To determine the mean specific heat 
between 0° (absolute) and T°, we have, according to equation (4), 
merely to divide the heat required in raising the temperature 
by the temperature T. To determine the entropy, we must 
divide the heat used up in an isothermal process progressing with 
a maximum yield of work by the temperature T at which the 
process is taking place. 

If a gas is made to expand isothermally to ten times its 
original volume — 

-2 = RT/tiIO = 1-98 X T X 2-3 = 4-56T gram-cal. 

and consequently — 

_S = 4-56 gf'"'^^- 
degrees 

Since q represents heat given off by the system in changing, 
S also represents entropy given off, or a decrease of the 
entropy of the system. The above equation then says that 
under these conditions the entropy of a gas mol increases by 
4*56 (S being negative). We are cognizant only of changes in 
entropy. We know nothing of the absolute amount of the 
entropy contained in a substance. We can merely ascribe some 
arbitrary value S< to the substance before it undergoes a series 
of changes, then measure the entropy change, and so arrive at a 
value S/ which represents the entropy of the substance in the 
final state. We can also see, from the illustration just given, 
that a change in entropy does by no means involve a change in 
the specific heat, for the specific heat of the gas mol concerned 
is the same before and after the expansion to ten times the 
original volume. 

To illustrate the conception of entropy, we may further 
observe that the entropy of a mol of water which is being 
converted into vapour at 100°, with an expenditure of 536 x 18 
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= 9650 gram-cal. in overcoming the pressure of the atmosphere, 

, 9650 ^^ o gram-cal. , ., ., , , . 

increases by -o^fo = 27'8 ^j , while it would increase 

•^ 616 degrees 

-^0—= 40 ^-^ '- if the vaporization took place at 0*^, where 

the heat of vaporization amounts to 18 x 607 gram-cal., and 
the maximum pressure to be overcome is only 4*5 mm. 

After the foregoing explanations of entropy, we immedi- 
ately see that in an infinitely small isothermal change, where 
the infinitely small maximum work dk, is done, and the 
infinitely small quantity of heat dg is used up, the entropy 
change of the reacting system should have the value — 

Let us now fix our attention upon a reversible, but not 
isothermal, process, where a maximum yield of work is secured 
from the heat consumed. We may consider the process to be 
resolved into an infinite number of infinitely small steps, in each 
of which T remains constant, or differs by only an infinitely small 
amount from its value in the preceding or succeeding step.^ Then 
in every step the entropy change of the reacting system is — 

and in all taken together — 

'dg 

T 

With this, the conception of entropy is explained sufficiently 
for our needs. Physics lends it still greater importance by con- 
sidering what change the entropy experiences when a process 
takes place non-reversibly, that is, when it does not produce its 

* It would be more accurate to say that the process may be resolved into 
a succession of two kinds of infinitely small steps. One kind consists in 
changes of temperature by expenditure or reception of work by the system, 
which are not connected with expenditure or reception of heat. Every one 
of these steps causes an infinitely small change of temperature without change 
of entropy. The second kind are isothermal steps, which fulfil the equation 

-dS = -7^, The entropy change of the whole process is given by 

-S = — / rrf, the first kind of steps being without influence upon the 

entropy change. 

D 


-s=-/^ 
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Entropy maximum yield of work. As previously pointed out, it is a 
change peculiarity of the maximum work that it is equal to the minimum 

innon- ^ , . . , -rki . i -i i 

reversible work requisite to reverse the process, rhysics, then, solves the 
processes, problem of how much the entropy changes in the processes where 
the maxinum work is not done, by considering the minimum 
amount of work necessary to return the system to the initial 
condition. If this minimum work in the reverse change is 
coupled with an exi)enditure of heat q at T°, that is with the 

decrease of entropy ^, we conclude that the entropy in the case 

of the forward process which did not yield a maximum amount 

of work has increased by the amount — ~. There are many 

generalizations regarding changes of entropy. The best known 
of these is the principle of Clausius, which says that the entropy 
of the world tends toward a maximum. They are based, how- 
ever, on non-reversible phenomena, and hence do not now 
concern us. 

In order to find the entropy of a gas reaction by means of 
formula (7a), two points must be considered. This formula 
represents the maximum yield of work, not for any particular 
value of the temperature, but for all possible values. We 
must, therefore, first find out how the entropy of a single gas 
changes, if at all, with changes of its temperature and volume. 

Further, at least two and usually several substances take 

part in a reaction, some of which are being used up, others 

formed. We must, therefore, determine the relation between 

the entropy of a mixture of gases and the entropy of the simple 

gases by themselves. 

The en- In order to answer the first question, we revert to the idea 

sinffie^ffM ^^^ ^ process which is not isothermal may be imagined, so far 

and the as entropy change is concerned, as consisting of an infinite 

a^ffas^^ number of infinitely small steps, each one of which is isothermal. 

mixture. If the non-isothermal process takes place with a maximum of 

work, then in every single small step the infinitely small 

quantity of heat — rfg' will be taken up by the system in 

changing, and, at the same time, its entropy will increase by the 

amount —~ = — rfs. The entropy change in the total non- 
isothermal process will therefore be, as already mentioned — 
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-S= -/^ (10) 


Let us now imagine a reversible process of expansion to be Adiabatio 
carried out with an ideal gas, so that no heat is absorbed or P'^^*^^^- 
given oflf. In such an "adiabatio" process every infinitely 
small amount of work done, jprfv, must be accompanied by a 
corresponding decrease, rfU, in the total energy of the gas. 
Since the gas does not change chemically, we are concerned only 
with the thermal and not the chemical part of its energy. If we 
at first assume that the specific heat of the gas at constant volume 
is independent of the temperature, this heat energy of the gas ^ 
equals c«T, and the decrease dU is equal to — c„T.^ We thus get — 

dU = -c^T (11) 

and since the work done, pdv, equals the decrease dV — 

O^cM+pdv (12) 

If the reversible process does not take place adiabatically, Non- 
the quantities — c^dT and +pdv are not equal. An infinitely S^j^gea. 
small quantity of heat ( — dq) will then be taken up from the 
surroundings. We then get — 

- rf^ = c^T +pdv (13) 

and dividing through by T — 

dq dT . p , .... 

We replace p by — , using the relation — 

cO? dv 
and writing for ^ and — the identical expressions dlnT and 

dlnv respectively, we get — 

- # = cJlnT + Bdlnv .... (15) 

1 Here we must take the specific heat at constant volume, c», and not at 
constant presure, c,, for if we imagine the gas deprived of all its heat energy 
by being cooled to the absolute zero, only the amount of heat c,T is taken 
out. In order to remove the amount c,T we must allow the atmosphere to 
do work, compressing the gas to zero volume while it cools to the absolute 
zero of temperature ; that is, we must introduce energy from without, 

^ It is to be remembered in this connection that, as pointed out in the 
first lecture, the experiments of Gkiy Lussac, Joule, and Thomson (First 
Lecture, p. 17) have demonstrated that the thermal energy of a gas does not 
depend on the volume. 
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If we now carry out this reversible non-isothermal process 
so that^ starting from the initial temperature T{ and the 
initial volume Vi^ we reach the final temperature T/ and the 
final volume ty, the sum of all the infinitely small steps 
represents the difference between the final entropy S/ and the 
initial entropy S*-. . That is — 

^ = c^7ig+Il/7i| . (16) 

If we introduce concentration3 instead of the volumes occupied 
by a mol, 

c = - (17) 

T/ Cf 

and we obtain — S/ = Si + ojin ^ - EZti -=^ 

Choice of We are free to define any state as the initial state. If we 
oondUion. ^^^® ^^ initial state the temperature T = 1 ^ and the con- 
centration c = 1, it follows that — 

S = St=i + c,/7iT - EZrw; .... (18) 

c = l 

Here S signifies the entropy of a mol of gas at T° and the con- 
centration c, both of which may have any value. 
Separation The second question may be settled by consideration of the 
^^th^^ fact that the separation of gases involves no expenditure of work, 
expendi- provided the concentration per unit of volume remains constant, 
heat or "^^^^ principle, first proved by Gibbs,^ is a surprising one, 
work. because we know that gas mixtures, such as air, cannot be 

* The feet that with this choice of an initial temperature we reach a 
higher temperature, not by expansion, but by compression, has no effect on 
the derivation. If one would convince himself of this, treat the non- 
isothermal reversible process as a compression and not as an expansion 
process. In this way, expression (13) with opposite signs is readily obtained, 

while at the same time the integral - / -^ assumes the opposite sign, so 

that the result is the same as before. 

2 Gibbs, "Trans, Conn. Academy," vols. ii. and iii.; also "Thermo- 
dynamische Studien, Leipzig," translated by W. Ostwald (Leipzig, 1892). 
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separated into their components without the expenditure of 
work. But this is solely due to the fact that increase of volume The sopa- 
under ordinary conditions involves expenditure of work against Jt^^^t^g 
the atmosphere. If we imagine the atmospheric pressure to be 
removed, a suitable engine would carry out the separation of 
air into its constituents without expenditure of work or heat. 

Thus, for instance, in a working space where vacuum 
would be maintained, a mixture of equal parts of hydrogen 
and oxygen could be separated into its component parts without 
the expenditure of heat or work, by means of the little arrange- 
ment here depicted. 



0:^. H2 






H2 
H2, O2 

- 

O2 




Ha 



H2, O2 



O2 




02 


I. 


II. iir. 

Fia. 3. 


IV. 


The arrangement consists of two boxes, A and B, whose walls 
are impermeable to gases on all sides except the cover of A and 
the bottom of B. The cover of A is permeable to hydrogen, but 
not oxygen, while the bottom of B is permeable to oxygen, but 
not to hydrogen. 

The hydrogen exerts a lifting force on the cover of B, due 
to its partial pressure, equal to the force it exerts against the 
bottom of B. The oxygen has the same pressure on both sides 
of the bottom of B. If, then, the external pressure is zero, there 
is no position of the boxes where a force is acting in B which 
hinders or favours a displacement, and we can make the 
apparatus, which is assumed to be frictionless, pass through 
all four positions given in the diagram without losing or gain- 
ing a finite amount of work. Since a difference between pressure 
and counter-pressure never exists, it follows that the system 
will always be in equilibrium. 

At the end of the operation, in position 4, each separate 
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gas has the same concentration as it had in the mixture in 
position 1. Since the process took place in the equilibrium 
condition and isothermally, and since no work was done either 
on or by the system, the latent heat of the process, and con- 
sequently the entropy change %, is zero. This amounts to say- 
ing that the entropy of the gas mixture is equal to the sum of 
the entropies of the separate components at the same tempera- 
ture and concentration. It further follows from this that, when 
a mol of a gaseous component is abstracted from, or added to 
a very large quantity of gas mixture at constant temperature 
without producing a finite change in the concentration, the 
entropy change of this mixture is simply equal to the entropy 
of the gas added or taken away, and therefore is — 

S = St=i + c^wT- KZtwj . . . (18) 

C = l 


Changes Let US now take any gas reaction, for instance 

of entropy 


m gas 
reactions. 


2H2 + O252H2O (19) 

which takes place isothermally at constant concentrations and 
with a maximum production of work. In it two mols of 
hydrogen at the concentration chj, and a mol of oxygen at the 
concentration cog, disappear, while two mols of water- vapour 
are formed at a concentration ch^o. The entropy of the gas 
mixture thereby decreases by the entropy of 2H2 + IO2, and 
increases by the entropy of 2H2O. It therefore experiences the 
following changes : — 

+ 2SHa0 = +2/S(H20) + C„(H20)^wT — EZtz^HjoN 
. - S 1) = - (2C^H2) + CKO2) - 2c^U,0))imi + R/^ ^H2 X Co , 


-( 


^ H20 . 


c=l c=l c= 1/ 


' In regard to the signs, we should notice that, as pointed out before, q 
represents heat given off, and S a decrease in entropy. Therefore — S is the 
increase in entropy in the reversible isothermal gas reaction. But this 
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The quantity enclosed in the brackets is nothing more than 
the difference of the specific heats of the disappearing and ap- 
pearing substances, for which we have abeady used the symbol 
(Tv. If we use it here again, and collect in a single constant the 
entropies at T = 1 and c = 1 enclosed in parentheses, it follows 
from (20) that— 

If we substitute this value in equation (7a), we get — 

A = Qo - (T«T/7^T + BT/t^-?^/-?^ + (cT, - A)T . (21) 

^ H20 

Except, then, for the constant A;, we know how the ability of General 
our gas reaction to do work depends upon the reaction heat, the tion! " 
specific heats of the gases concerned, and the concentration at all 
temperatures and percentage compositions. 

The relation which we have deduced for this specific case of 
the formation of water may be similarly deduced for any desired 
gas reaction. It is only necessary to substitute the general 

expressions ^disappearing^ ^ disappearing) . . . , ^appearing) ^ appearing, 

. . . , together with the number of molecules v\ v", . . . , for 
the special concentrations of hydrogen, oxygen, and water, and 
for the particular number of molecules which appear in the 
member — 


ETZ71 


C^H2 X C02 


^ 


H20 


The number of molecules of the disappearing substances must 
be taken as negative in this general mode of expression. We 
then obtain — 

A = Qo - (r„TZ7iT - ET X ^vlnd + (a, - A:)T (22) 

Let us return to the process of the formation of water from the 
elements, and accordingly in this equation put for c disappearing 
the value cyl^, and for v its value — 2, because, in accordance 
with the equation, 2H2 disappear in the reaction. For c"disappearing 
we put the value cqj, and for v" its value —1, because 1 

increase consists of the entropy of two mols HaO taken as positive, and the 
entropy of two mols Hjplus one mol 0^ taken as negative. 
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mol O2 is used up; for Cappeadng the value chjO, and finally 
for v"' we put + 2, because 2 mols HgO are formed. We then 
have — 

C^H2 ^ ^Oj 

This is identical with equation (21). 
The ex- Fonnula (22) has already been in part obtained by Helmholtz 

pression of ... 

Helm- (^.c.)« That is, in his fundamental paper on the subject, 
holtz. Helmholtz developed an expression which, when written in our 
notation, runs as follows : — 

A- Ai = ((To-SiXT-Ti)-(T,mJ^ . (23) 

In it he made no further assumptions than that the process in 
question yielded its maximum amount of work, that the 
difference in specific heat of the substances appearing and dis- 
appearing had the same value (f„ at all temperatures, and that 
the ratio of the volumes or the concentrations could be regarded 
as unchangeable. If in this equation we put Ti = 1, and under- 
stand by A the maximum work at 1° abs., and by Si the change 
of entropy under these conditions, we get from (23) — 

A = Ai + Si - (7« - (r„T/?iT + ((7„ - Si)T 

But now, if Qi signifies the reaction heat at 1° abs. — 

Ai + Si = Qi 

and according to (7) — 

Qi — (Tt, = Qo 

that is — 

A = Qo - (T„T/7iT -h ((r„ - Si)T 

If we compare formula (22) with this, we see that both become 
identical when — 

Si = Z; -h ESv'/twj' 

Si signifies the change in entropy at T = 1° and at any given 
concentration of the gases taking part in the reaction, A the 
same quantity where both T and the concentrations equal 1 and 
the gases obey the laws for ideal gases. By using the general 
term Si, Helmholtz avoided any special assumption regarding 
the laws which govern changes of concentration. He thus gave 
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his expression a more general form, but at the same time one 
less directly applicable to our particular problems. Helmholtz 
certainly knew it was possible to derive the expression^ — 

from Si by means of the gas law — 

\pi? = ET 

In his " Dritter Beitrag zur Thermodynamik chemischer Vor- 
gange/'^ he makes a special application of this, and in his lectures 
he develops in a more precise way (on the basis of the gas law) 
the influence of concentration. Helmholtz did not give our 
expression (22), simply because it had no immediate value in the 
consideration with which he was busied. The extraordinary 
stimulus given by Van*t Hoflf to the study of the influence of 
concentration in systems which obeyed the gas law, directed 
general attention to those phenomena whose treatment requires 
our more specialized formula (22). 

If, now, we examine the constant hy we can, in the first The inde- 
place, make its meaning somewhat clearer if we consider that the J^^o^*^ 
latent heat of the reaction is identical with TS. This product, dynamic 
however, when T = 1° abs., is equal to the entropy. Now, we ^^®**^* 
have seen that the constant h is equal to the change in entropy 
of a reaction proceeding reversibly at concentrations which are 
all equal to 1, and at the temperature of 1° abs. Therefore we 
can also call the constant h the latent heat of the reaction under 
these conditions. Thermodynamics tells us nothing more about 
this constant. Consequently, the latent heat of a gas reaction 
taking place reversibly, at concentrations all equal to 1, and at the 
temperature T = 1, remains theoretically indeterminate. Let us 
see what further information we can gather about this quantity. 

To take a short cut, calling the principle of Berthelot to our xjse of 
assistance, we may reason somewhat as follows : At absolute p®f**^®: 
zero, Berthelot's principle is recognized as correct, but the higher oiple to 
the temperature the less does it suffice. However, at 1° abs. it ^etermine 
ought to be very nearly true. We may, therefore, write — 

At=i = Qt=i 

^ Ostwald, Klassiker 124, " Abhandl. zur Thermodynamik chem. Vorgange 
von H. Helmholtz," p. 63. 
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Since at 1° abs. — 

Qt=i — Qo + o-u 
it follows that — 

At=i = Qo + (r» (24) 

In formula (22) we now put the term SvVtuj' equal to zero, 
and T equal to 1. The first substitution simply means that all 
concentrations are equal to 1. It then follows that — 

At=i = Qo + <Tt» — a . . . . (25) 

C=l 

We now compare (24) with (25), and conclude that h is zero. 
This is, however, a very arbitrary procedure. Equation (24) 
will be approximately true, whether we choose the concentra- 
tions as all just equal to 1, or somewhat different, for only at 
extreme differences in concentrations does the term ESvVtic' 
attain a value at all comparable with Qo. On the other hand, 
a ratio x of concentrations must exist at which — 

At=i = Qo + (Tv 

Bufc X may have a value other than 1. We cannot, therefore, 

decide in this way whether a perceptible difference between A 

and Q does not exist, though small in comparison with Qo. 

But, unfortunately, this is a crucial point. * For although we can 

certainly neglect A; at a temperature of 1° abs., this does not 

help us at all, for we never observe gas reactions at such low 

temperatures. But if the observations are carried out at 2000° 

abs., AT is two thousand times greater than h at 1°, and we do 

not know whether we can then neglect iT or not. 

^\^^^ If we examine the matter more closely, we shall be inclined 

at a deter- to assume rather that A does not change greatly between and 

miction r, and to write— 

Ai = Ao = Qo 

from which it follows that "k = <r«. 

If we picture the substances as containers of heat, and 
imagine that a diminution in the heat capacity cr^, in the course of 
a reaction, arises from the fact that a part of the total energy of 
the reaction is used up in compressing those substances and in 
squeezing heat out of them, it follows that only the part of this 
total energy remaining after the atomic compression will be 
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available for the outside work.^ In the simplest case where 
T = 1, this remaming part, which is the reaction energy, may 
have the value — 

Ai = Qi — fJrt 

that is Qo. Yet even this third assumption is not very satis- 
factory. Let us, therefore, examine the subject still more 
closely. 

The first point to be noted is that the numerical value of the The reia- 
constant Tc is afifected by the choice of the unit of concentration, ^^^nt^^ 
if Sv' is not equal to zero. It is easy to see the connection * to the 
between the two, for the term ET x 2v7nc' in (22), as* well as Jjfe tem. 
\ depends upon this same choice. If we express the ratio perature 
of concentrations in a given mixture:of gases, first in mols per ®^^®®' 
litre, c, and then in mols per cubic centimetre, C, then — 

(R X SvVtic' + Z;)T = (E x Sv'/tiC + A')T 

for otherwise our formula for the reaction energy of a gaseous 
mixture would give different results depending on how we 
reckoned our concentrations, which is of course impossible. If 
we call z the ratio of the two units of concentration — 

A(mol; litre) = A;' + E X ^v'lnZ 

If 2v' equals zero, the constant k is independent of the The 
unit of concentration. We will study this case more minutely, i^^rvai of 
Let us here remember that while thermodynamics fixes the <^« tem- 
location of the absolute zero, it does not fix the value of the g^e omi- 
interval of temperature which we call a degree. It is mainly «dered 
due to chance that thermometry has adhered to the suggestion case that 
made by Celsius in 1742, that the distance between the boiling- ^''' = ^ero. 
point of water, and the freezing-point of ice be divided into 
100 parts. Eeaumur had previously (1730) suggested that we 
divide the same interval into 80 parts. As far as the principle 
is concerned, it could just as well be divided into some other 
number of parts. Let us suppose that we have a degree a 
thousand times smaller than the one now in use, and let us 
designate temperature measured in these new degrees by t. 
In the first place, the gram-calorie would become a thousand 

^ It seems to me that this idea forms the basis of T. W. Richards^ study 
of the relation between atomic volume, compressibility, and free energj- 
(Z.f. phys. Chemie, 40 (1902), 169 and 597 ; also 42 (1903), 129). 
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times smaller thau the one now used, for it would represent 
the quantity of heat necessary to heat one gram of water from 
15° to 15001° on the old scale of temperature. Reaction heats 
would for this reason be represented by a number of the new 
calories a thousand times greater than that of the old. The 
value of the specific heats would not be altered, because it is 
the quotient of calories over degrees, and the numerator and the 
denominator would change equally. The quantity R in absolute 
units (erg X T •~^) would be a thousand times smaller, but in 
heat units would remain the same, because the work-equivalent 
of the calorie by which we divide in order to convert R into 
heat units, is likewise a thousand times smaller. The concen- 
tration is not affected by this change in the unit of temperature. 
Influence Now, of course, we see that the energy of a reaction cannot 
size of depend on what value we may choose to call a degree interval, 
a degree Any given reaction which, for instance, takes place at the 
oonfltant boiling-point of sulphur must have one and the same reaction 
'•'*• energy whether we use the r or T scale for reckoning this 

temperature. We must always bear in mind that both scales 
differ from one another only by a proportionality factor, and 
become identical at absolute zero. We have just used yo^oo 
as -an example of such a proportionality factor. In general 
we may call it a. Then — 

T = r X a 

If we use the r scale instead of the T scale, the reaction 
energy remains identical only when we measure it in absolute 
units (ergs). Expressed in calories it is different, because the 
calorie is a times as small. We can reduce the value of the 
reaction energy expressed in heat units on the r scale to heat 
units on the T scale by the relationship — 

A(T) = aA(r) 

Similarly — 

Q(T) = aQ(T) 

If we write our equation (22) first in units of the T scale, and 
then in units of the r scale, we have — 

A(T) = Qo(T) - (FrT/wT - RT X Sv'/twj' + (a,, - \t))T (22) 
■A(t) = Qo(t) — fTvrlnr — Rr X Sv'W + ((r„ - A(t))t (26) 

Let us now reduce (26) to (22) by the help of the relation3hip, 


\ 
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just considered, between A(t) and A(t), Q(T)and Q(t), and between 
r and T themselves. To do this we multiply (26) by a, and 
replace aA(T) by A(T) ; aQocr) by Qo(T), and ar by T, and get — 

A(T) = Qo(T) - (FoTte- - ET X Sv7W + ((Tv - A(,))T 

If we compare this with (22), it follows that — 

Thus we see that the value of the indeterminate thermo- 
dynamic constant depends on the value of the degree we choose. 
If we choose it a thousand times smaller than the Celsius 
interval, the constant is greater by — <r»ZnO*001, i.e. +6'9(f„. It 
would be especially advantageous if we could so determine a 
that the constant became just equal to (f„. The term (o-r — i) 
would then completely disappear, and our expression would 
take the form — 

A = Qo - (rjinr - Er X ^vlnd . . (27) 

Perhaps the meaning of the r scale will be still clearer from the 
following discussion of the formula (27). According to equation 
(27), A becomes equal to Qo at the absolute zero. But it would 
be equal to Qo a second time when SyViw' equalled zero and 
T equalled 1. Now, by a suitable choice of concentrations, the 
action of mass, represented by the term ErSi^7nc', may be 
eliminated, so that this term becomes zero. We then determine 
at what temperature other than absolute zero the reaction 
energy becomes equal to Qo, and call the interval between this 
temperature and the absolute zero one degree. 

The question first arises whether, after all, such a procedure t. W. 
is in general possible. If we take the case where there is no ^^^^/'J^^'t 
difiTerence between the specific heats of factors and products, h \& zero 
aina is also equal to zero, and the thing we have attempted to !^^^^" 
do seems impossible unless i, in this case is equal to zero, cells. 
This question cannot be definitely settled from a study of 
gas reactions, because there is no gas reaction known where 
o^ is beyond all question equal to zero at all temperatures. 
We can, however, glean the desired facts from another field. 
T. W. Eichards has shown ^ that the heat of reaction and the 

1 Th. W. Richards, Z.f. 'phys. Chemie, 42 (1903), 137 ff. 
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reaction energy in galvanic cells are equal when the concen- 
trations of factors and products are equal, and where no change 
in heat capacity ensues during the reaction. We conclude from 
this that in gas reactions too, for the ideal case where (rv=0^ 
equation (22) would become — 

A = Q - RT X Sv'Ztwj' 

without any term AjT making its appearance. Gas reactions 
do not contradict this conclusion, as we shall see in the Fourth 
Lecture, although our knowledge may not be suflftcient to 
demonstrate that they support it. Thus, if no differences of 
heat capacity exist, and mass action is excluded by choosing 
concentrations such that — 

R X SyVno' = 

we can see no good reason why heat and work should be 
different. Yet if i and - the term o-JwT either both have a 
finite value or both equal zero, the conclusion is justified that 
everything depends on the units in which we measure the term 
o-yTiT. We s%w before that for every isothermal and reversible 
gas reaction where o-v had the same value at all temperatures, 
we could so define our temperature interval that ((r» — i) would 
become equal to zero. We now conclude that for all reactions 
of this class where the number of reacting molecules does not 
change during the reaction, one and the same temperature 
interval or degree would fulfil equation (27). We will call this 
temperature interval a " chemodynamio " degree. 
The Starting from the deductions of T. W. Richards, Van't Hoff ^ 

dynamic ^^ recently discussed similar relations. In those galvanic cells, 
and the and consequently those reactions, where the number of mols on 
degim ®^^^ '^i^® ^f ^b® reaction equation is the same (Si;'= 0), he puts 
the term ((r„ — ^•) equal to zero, or, speaking more accurately, the 
term in his very different derivation coiTesponding to it. He 
did not consider the effect of the magnitude of the temperature 
degree on the quantity h. But since, by choosing the Celsius 
degree, he got an agreement between calculation and observa- 
tion, it follows that the "chemodynamio" degree, which 
makes ((r« — A) equal to zero, does not differ very much from a 

^ " Festschi-ift," dedicated to Ludwig Boltzmann (Leipzig, 1904), p. 
233. 
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Celsius degree. If this be the case, using the Celsius degree, 
we may write as an approximation, at least — 

A = Qo - (F«TteT - ET X Si/'W . . (28) 

It will be recalled that it is the logarithm of the ratio a 
between the two temperature intervals or degrees, and not the 
ratio itself, which influences the value of h. The approxima- 
tion (28) can therefore well be a very close one, even though the 
two kinds of temperature degrees are distinctly difiTerent. Since, 
further, the eflfect of the temperature interval chosen depends 
on the product fjj.na, the approximation would be especially 
close when the (f„ concerned was small. 

It would be of great value if we could accurately evaluate Poesibiiity 
h and <t^ in a single favourable instance. If the number of ^^®^"" 
reacting mols did not change during the reaction, we could deter- 
determine from it the value of the chemodynamic degree. If we S""*^? 
then investigated a case where the number of reacting mols did of the 
change during the action, we could tell by determining k and ^^f^" 
0*1, in what units we must reckon concentrations in order to make terval. 
((r„ — A) disappear. Were we once in possession of this value, 
we could predict the value of the reaction energy for any given 
mixture of gases, knowing the reaction heats and the specific 
heats. There are, to be sure, certain tacit assumptions made in 
this statement. We assume, in the first place, that the gases 
follow the ideal gas laws with rigour, as is surely the case if 
the temperature be high enough. In the second place, we 
assume that the difference in the specific heats of factors and 
products is the same at all temperatures. The latter assumption 
is certainly by no means fulfilled. 

We must, therefore, now undertake to alter our formula so Alteration 
that the change of the difference of the specific heats with the £^,.^^1^ 
temperature will be taken into account.^ Here we are con- for 

<r.=/(T) 

* T^ie following ia a very short derivation of the relationships so far obtained. 
Let h be the change of entropy in a reversible isothermal reaction when T 
equals 1 and all the concentrations equal 1 ; that is, let h be the latent heat 
under such conditions. Then — 

Ai = Qo + 0-^ - Aj 

Let us imagine the factors to be brought adiabatically from T = 1° to a 
higher temperature, and then allowed to react isothermally. The products of 
the reaction could then be cooled down adiabatically to T = 1°. The entropy 
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fronted with the difficulty that we are only able to deduce the 
empirical formula 

c = a + JT + cT2 + . . . 

to express the effect of temperature on the specific heats, and 

that our observations are hardly accurate enough to allow 

us to determine more than the first two constants, a and (. 

Aflsump- We must therefore content ourselves with representing the mean 

ga^iTg specific heats of each gas taking part in the reaction by an 

the mean expression — 

We can then write for the mean specific heats of all the factors 
(all at constant volume) — 

Cfactors = Sa + Ts6 

and similarly for the products — 

Cprodacts = Sa- + TS6' 

It therefore follows, from analogy with (2), that the reaction heat 
at absolute zero^ — 

Qt = Qo + T(Sa - Sa) + T^SJ - SJ) . (2a) 

change at the higher temperature is still A;, for the entropies of all gases are 
constant during adiabatic changes. The energy at T is then — 

A = Qo + ^T - A;T 

On the other hand, the difiference a-« of the specific heats is connected with the 
values of the concentrations at the higher temperatare T by the law 
governing adiabatic changes, namely — 

It follows from this that — 

A = Qo + (^ - A;)T - o-,T/»T - RT x ^kVhc' 

Any desired isothermal and reversible change of concentrations of the gases 
only affects the value of A on the left-hand side of this equation and the 
value of Ind in the last term on the right*hand side. Qo and tr^ are con- 
sidered independent of concentration and temperature, while h dgepends on 
the value of the temperature interval and on the concentration unit. If 
now 'Xv' equals zero, and the temperature degree is so chosen that (r, equals 
k at 1° abs., (<r, —A;) drops out, and we get — 

A = Qo — ff^rlnr — RtSi'7wc' 

The choice of r has nothing to do with thermodynamics, but rests on the 
experience or assumption that (for 2/ = 0) <r^ and h appear and disappear at 
the same time, and on the deduction from this that k only depends on the 
value of the temperature degree if Xv' equals zero. 
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As before, we put — 

and — 

. SJ - 26- = (7" 

and get instead of (7) the expression ^ — 

U « Qr = Qo + (t'.T + a''T . . . (7a) 

The effect of our changed assumption regarding specific 

heats upon the changes of entropy in chemical reactions may 

easily be seen from the results of our previous discussion* In 

the first place, we should now represent the heat energy of a 

gas by— 

aT + JT2 

The decrease in the total energy which we represented in 
equation (11) now takes the form — 

dU = -rf(aT + &T2) = -odT - 2bTdT . (11a) 
Similarly, from equation (12) we get — 

= odT + 26TdT + pdv . . . (12a) 
from (13)— 

-rfg = adT + 2bTdT +pdv . . . (13a) 
and finally from (14) — 

-^ = a^ + 2&(iT+|dt; . . . (14a) 

Here let us pause a moment to consider whether we are justified 
in introduciug the gas law (at this point), and so to pass to 
equation (15a), and at the same time consider the specific heats 
as variable with the temperature where thermodynamics else- 
where assumes them to be constant. But, according to all we 
know, actual gases obey the gas law very well at high tempera- 
tures, although it is precisely there that their specific heats are 

* The term c" does not need the index v, since it has the same value 
whether we mean specific heat at constant vohime or constant pressure. 
This is due to the fact that the difference of the specific heats has the 
constant value R, which is independent of the temperature, or more precisely, 
independent of it so long as the gases behave ideally, that is, obey the 
expression — 

pv = RT. 

E 
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known to vary with the temperature. We need not hesitate, 
therefore, to make use of the relationship — 

jpt? = ET 
Continuing, then, (15) becomes — 

- ^^ = adlvH + 2&dT + E^w . . (15a) 
and (16)-- 

S/ - S< = aln^ + 2b(Tf - TO + Bln^ . (16a) . 

■Li Vi 

But then (18) becomes — 

S = St=i + oinT + 2J(T - 1) - mne . (18a) 

c=l 

The further development remains the same, and leads to the 
final result — 

A = Qo - ^'vTlnT - (t"P - ET x S v7nc' + (<t\ + 2(t" - h)T (22a) 

Relation We could have obtained the same expression from a general 

tion(^) formula given in Helmholtz's fundamental paper. This 

to Helm- formula, expressed in our notation, is — 
holtz's ' ^ 

^neral A = Qi - TSi + / ax^T - Tl xdlnT 

formula. -^ Ti ^ Ti 

Here x is the difference between the true specific heats of 
factors and products at T°. 
If we substitute for it — 

a? = o" t> + 2<r T 

we get, putting Ti = 1 — 

A = Qi - TSi - <i',TlnT - ir^P + (cr', + 2(t")T - (t\ - <t" 

If, now, we replace the reaction heat at the temperature 1° 
absolute by Q^ + c'v + <t", corresponding to the circumstance 
that according to our definition <r't, + tr" represents the mean 
specific heats between absolute zero and 1°, we get, after a 
slight transformation— 

A = Qo - a'^TlnT - <t"T - TSi + (fr\ + 20T 

When we introduce the gas law as before, and put — 

Si = A; + E X Si/7W 

this goes directly over into (22a)* 

We can repeat here (22a) all the observations made in 
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connection with equation (22). If the effect of mass is 
eliminated by a suitable choice of concentrations, so that the 
term SvVtwj' becomes equal to zero, and if T is then taken as 1, 
we get — 

Ai = Qo + fj\ + «t" - h 

We can again show that the value of Tc depends upon the 
temperature interval chosen, which in this case is connected with 
rr\ in the same way as explained above. We conclude, on the Again the 
basis of our former considerations, that the Celsius degree isofthetem- 
nearly enough equal to a chemodynamic degree to make p«rature 
o\ + o-" — i, when the number of molecules does not change 
during the reaction, if not exactly equal to zero, still very near 
it. We shall, therefore, in general use the expression — 

A = Qo - (r'„TZ7iT - (t"T2 - ET X ^vlnS + const. T (28a) 

in our further discussion, assuming for the particular case where 
Sy' is equal to zero that the constant, though not equal to zero, 
is still very small. For the case in which the number of re- 
acting molecules changes during the reaction, we shall make the 
constant assume a small value by writing the formula in the 
way explained on p. 53.^ We thus free ourselves, as well as 
the present state of our knowledge permits, from the trouble- 
some constants which hinder our passing from quantities of 
heat to quantities of energy. The way in which we can know 
and eliminate them more completely has already been pointed 
out. We will append a brief consideration which increases the 
probability that the constant vanishes in case Sv' = 0. Le Relation 
Chatelier ^ made the noteworthy observation that the true chateUer's 
specific heats of nearly all gases and vapours under constant ^^^ ^^ *^® 
pressure can be represented by an expression of the form — fio^heate!^* 

Cp = 6*5 + aT 

at least as a first approximation. As far as the gases follow 
the simple gas law, we can expect the specific heats at constant 
volume, smaller by E (1*98) than the specific heats at constant 
pressure, to show a similar convergence. We conclude, from 
this rule, that in those reactions where the number of reacting 
molecules does not change, <r'«, if not equal to zero, is still more 

1 This, of course, is purely formal, the importance of A;, relative to the 
reaction energy, not being influenced by any method of writing the formula. 

2 QomfU Bend,, 104 (1887), 1780. 
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nearly equal to it than it is in the reactions where the number 
of reacting molecules does change. In case Si;' = 0, we get as 
a first approximation — 

Ai = Qo + o-" — A; 

Now, <t" is always a small number. If Tc on the t scale 

equals <t\ and if the " chemodynamic " r scale does not dififer 

greatly from the T scale, h will differ only slightly from <t\ 

So on this ground too, using the Celsius degree instead of the 

chemodynamic one, we are justified in calling the quantity 

(o-t, + o-" — It) equal to zero. 

Use of It still remains for us to transform our expressions applying 

ppeaflureg *^ constant concentrations into such as shall apply at constant 

instead of partial pressures. It was shown in the First Lecture that 

tions.^ '*" partial pressures expressed in atmospheres, and concentrations 

expressed in mols per litre, are connected by the equation — 

p = 00821TC 

Substituting p for c in (28a) on this basis — 

Sv7W = Sv77i ^^^^, ^ = Sp7W - Sv . InT - 2i/' . /7i0-0821 

00821 . T ^ 

and therefore — 

- ETSvVtic' = - ETS v7w/ + ETSp . InT + ETSv . te00821 

But now, because specific heats at constant pressure and 
at constant volume differ by E — 

o"© — E2i/ ^ <T p 

At first sight the sign in this expression seems strange. We 
should expect that the quantity ESv' would add itself to <tv to 
give the difference, op, of the specific heats at constant pressure. 
But according to our definition, we must call the number of 
molecules, v, of the factors, that is, of the disappearing sub- 
stances, negative, while, on the other hand, we have defined the 
difference of the specific heats, <r'r, in such a way that the 
specific heats of factors are positive and those of the products 
are negative. This difference of signs necessitates subtracting 
ESv' from <t\. Therefore (28a) becomes — 

A = Qo - fr'pTlnT - cr'T^ - ET x SvVt?;?' + const." x T (29) 

The term const/' is an abbreviation for (const. - 4*95Sv')-^ 

• ^ The quantity -4*95 is nothing but the product Il(?7i0'0821), that is, 
4*56 log 0'0821. Had we reckoned concentrations in mols per cubic 
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We shall later use formula (29) in all cases where the 
number of reacting molecules changes during the reaction, and 
avail ourselves of the device of choosing the unit of reacting 
molecules as small as possible, in order to make the change in 
the number of molecules during the reaction as small as 
possible. For instance, instead of — 

2H2 + 02 = 2H2O 
we write— 

Ha + i02 = H2O 

This method has a certain practical significance which will be 
discussed at the beginning of the Fourth Lecture. As a result 
of this, the constant (const.") of formula (29) in every case is 
expressed by a small number. 

The main point to observe is that, on the basis of the gas Signifl- 
law, partial pressures have been substituted in an equation ^^ ^ 
deduced for a reaction taking place at constant volume. This partial 
merely formal transformation changes nothing in the derivation. aJ^^^a! 
As before, the external pressure plays no rdle. 

The quantity A which we obtain by means of formula (29) 
represents, as before, the wcrk done at constant volume. 

But is this the work which we actually wish to determine ? 
In view of the fact that most of our gas reactions take place at 
the constant pressure of one atmosphere, must we not make a 
corresponding change in our formula? Examining an actual 
case, and seeing what the maximum work is which we wish to 
determine, we can answer this question in the negative. Two 
typical examples will illustrate this. We will first take the 
formation of water at the equilibrium point. According to our 
fundamental conception, the reaction energy is here zero. But 
this is only true when the external work is not considered, for 
the formation of water at the equilibrium point under atmo- 
spheric pressure is accompanied by a decrease in volume. 
The atmosphere does the work pv on our system for every mol 
( - 2H2 - IO2 + 2H2O) which disappears. The work done by our 
system at equilibrium and under constant pressure therefore 
has the (negative) value -^pv. If, then, we are to hold strictly 
to our definition according to which the maximum work at the 

centimetre, we shoald then have obtained const. + 4-562v' log 82*1 = const.", 
that is, const. + 8*7 ISv'. 
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equilibrium equals zero, it follows as an immediate consequence 
that work against the constant pressure of the surroundings 
cannot be counted; that is, that the reaction must be con- 
sidered as taking place at constant volume. 
Change But suppose we did count the work done against a constant 

m fornrala external pressure, what effect would it have on our formula ? 
by a dif- A glance at our fundamental equation A = U — j, which at 
definition equilibrium becomes = U — g', shows us the answer to this 
^^^ question. If the work done against the constant external 
pressure is to be counted, we must, as we have already seen, 
add the term 'pv^v to the left-hand member. But, as we saw 
at the beginning of this lecture, the change in the total energy 
is also greater, by ^vSv', at constant pressure than at constant 
volume. If, therefore, we choose to change our definition of 
the equilibrium and add to reaction energy A the quantity 
^ySv', we must also add to the right-hand member of expression 
(29) for the reaction energy, the equivalent of ^vSv', that is, 
KTSp'. 

If we are not actually determining the equilibrium con- 
ditions of the gases, but are measuring their reaction energy, we 
make use of gas elements, as above mentioned. The oxy- 
hydrogen cell described in the Fifth Lecture belongs to this 
class. It furnishes the maximum electrical energy A«, from 
the combination of hydrogen with oxygen. If it is working at 
constant pressure, the atmosphere will do, in addition to this, 
the work ^ on the system, since one mol disappears during the 
reaction 

(-.2H2 - 0a4 2HaO) 

Counting this in, the maximum work equals A«— ^v, or in 
general equals Ac -I- j?i7Si;'. If this term is defined as the 
maximum work of the cell, then in equation (29) the right- 
hand side must be increased by ETSi/'. It is, however, much 
simpler to call A« the maximum work, and to use the equation 
without change. 

All known cases can be grouped under these two examples, 
and we are therefore justified in always neglecting the work 
done against the atmosphere. Formulse (28a) and (29) become 
identical when Sv' equals zero, that is, when the number of 
molecules on both sides of the chemical equation is the same ; 
for in that case Sv'Ztwj' is equal to ^vlnp\ 


THIED LECTUEE 

ANOTHER DERIVATION OF THE FORMULA PREVIOUSLY OBTAINED, 
AND ITS BEARING ON REACTIONS BETWEEN SOLIDS 

We became familiar in the first lecture with the expression — 


T/ ^ Qt 


0) 


Qt was the reaction heat at constant volume and at the 
temperature T. From it we can now derive the formulsB which 
we deduced from the entropy principle in the second lecture, 
provided we can succeed in expressing the maximum work A as 
a fimction of the concentrations. 

Van't Hofif^ has solved this problem with the help of a 
reaction space which we shall call the " equilibrium box" (Fig. 4). 


a 





2" 


■^Hc 


HqO 


■>0 


2 


■>HaO 


Pig. 4, 


Chemical equilibrium is assumed to always prevail in this box. 
The substances disappearing in the reaction are introduced 
through the side wall on the left, while the products of the 
reaction are removed through the wall on the right. That is, 
the left-hand wall is only permeable to the factors, the right-hand 
wall to the products of the reaction — as illustrated in Fig. 4. In 

1 " Die Gesetze des chemischen Gleichgewichts," by J. H. van't Hoff, 
Ostwalds Klasaikerj No. 110, edited by G. Bredig. Leipzig, 1900. 
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this way we can imagine any desired quantity of the gases 
reacting without gain or loss of work, provided only that the 
substances be put in or taken out at the same concentration as 
they had in the equilibrium mixture. If we know the concentra- 
tions at the equilibrium point, it is not difficult to determine 
what the reaction energy would bp at any other concentrations. 
The Thus we need only imagine that a substance which is 

about "way ^ react is brought by an isothermal change of volume, 
through ^th the production of the maximum amount of work, to the 
brium box" Concentration which it has in the equilibrium box. We then 
^ * ™®*"* imagine it to be introduced into the equilibrium box, and to 
mining A. react there without gain or loss of work. The products of the 
reaction are similarly and simultaneously removed from the 
equilibrium box, and are brought back to the original concentra- 
tion by a similar isothermal and reversible process. 

The net result of this process is the same as if we had carried 
out the reaction reversibly at the given temperature without any 
equilibrium box and without any changes of concentration. 
The maxl- The maximum work cannot depend on the path we take in 
is inde^^^ passing from the initial to the final state. If this were the case, 
pendent of it would be possible, by canying out the direct reaction in one 
^ ^°' ' way and the reverse reaction in another, to have some work left 
over at the end, although the temperature had not changed. And 
this in spite of the fact that everything returned to its original 
condition. This statement is most significant. But it does not 
have its roots, as we might at first think, in the law of the con- 
servation of energy, for we see, on closer inspection, that this work 
need not necessarily have been created out of nothing. It could 
have been generated from heat which was transformed into work 
at constant temperature without any other accompanying change. 
Were such a process possible, it would by no means invalidate 
the law of the conservation of energy. Let us see why, in spite 
of this, our experience declares it to be impossible. 
The per. For this purpose let us admit for the moment that heat can 

mobileof ^ turned into work at constant temperature without any 
the second permanent change. Such an assumption would mean that it 
"* * should be possible to invent some sort of a motor boat which 
could derive its heat from the ocean, convert it into work, and 
then, through the agency of friction, return it again to the 
surroimding ocean. Such a boat would be just as much a 


ANOTHER DERIVATION OF THE FORMULA 57 

perpetual motion machine as any apparatus which created work 
out of nothing. Ostwald^ has called this a perpetual-motion 
machine of the second kind. 

Experience tells us that this is just as impossible as a 
perpetual-motion m«w5hine of the first and better-known kind, in 
which work is created out of nothing. If the impossibility of all 
forms of perpetual-motion machines of the first kind is referred 
back to the law of the conservation of energy, we may, with 
Boltzmann,^ recognize the source of our conviction that perpetual 
motion of the second kind is impossible in the invaridble direction 
of time. That is, our inner consciousness can never conceive of 
time as progressing backwards. If we question why, on waking 
from sleep, we are so sure that we always are older and never 
younger, we can only answer that, in our world, things transpire 
in a fixed direction as far as time is concerned. Direction in all 
spacial things requires a special testing. If we fall asleep in 
a coach facing forward, we are by no means sure on waking 
that we have gone forward. The coach may have stood still, 
or may even have turned about and gone in the opposite 
direction. A fixed direction does not, then, exist in spacial 
things. The consciousness of a fixed direction of time is a result 
of experience based chiefly on the observation that whatever 
happens in the world of reality does not of itself completely 
revert to its earlier condition; it never retraces its steps. A 
swinging pendulum, though it be ever so finely hung, comes 
slowly to rest, and does not again begin to swing imless it is 
moved from its position of rest. Friction never becomes negative. 
If it did, a machine might of itself start running, cooling its 
bearings, and converting the heat thus obtained into work. 
Gases or liquids, once mixed, never spontaneously separate and 
thus return to the higher concentrations existing before the 
mixing. Warm water, which we have prepared by mixing hot 
and cold water, never spontaneously separates into a hot and 
cold portion. Every one of these processes, which appear so 
impossible to us as to be almost absurd, if they could take place, 
would make possible a perpetual- motion machine of the second 
kind. Every perpetual-motion machine of the second kind 
would make it possible for us to turn backwards the hands of 

1 Ostwald, « Lehrbuch d. allgem. Chem.," iii. 474 (Leipzig, 1893). 
•^ Wied. Ann., 60 (1897), 392. 
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time. A cinematograph running backwards furnishes to the 
eye a picture of the world in which time is retrogressing. We 
can picture the same thing in our imagination if we think of 
ourselves as being projected from the earth with a velocity 
greater than that of light. Images of terrestrial happenings 
would then strike our eyes, directed toward the earth, in a 
reverse order of time, just as in the reversed cinematograph.^ 
The re- We will now return to the work-process which gave rise to 

acfion these considerations, and we shall first see what result may be 

energy de- , . . 

duced obtained in the case of the formation of water from the elements, 

oepS<mrof ^^^^°8 ^^® ^^ ^^ ^^ ^^^ ^^ maximum work is independent 
Van't of the path. For the sake of convenience, we will start from the 
• assumption that the three substances taking part in the equi- 
librium have the concentrations c'hsO, c Ha, and c'oa at T°. The 
energy obtainable from their transformation at T° on the 
absolute scale in case the concentrations are CHaO, ch2> ^^^ ^v 
may then be represented as the algebraic sum of three quantities 
of work, namely those required to bring the Hq and the O2 from 
the concentration c to the equilibrium concentration c', and that 
required to return the H2O from the equilibrium concentration 
to the concentration c. The amounts of the three gases to be 
compressed or expanded are connected by the equation — 

2H2 + 02$2H20 

According to our earlier conclusions (p. 18), these quantities 
of work can be represented as follows — 

A(tt2) = 2ETZ7t4^ for 2 mols of H2 from ch^ to c'e^ 


C02 


A(Oa) = RTZtI ,^ „ 1 „ O2 „ C02 „ C'oa 


A(H20) = 2ET/71— ^ „ 2 „ H2O „ c'HaO,, CHjO 

CH2O 

1 The entropy theory, when applied to actual non-reversible processes, 
teaches that in all the examples adduced above (friction, diffusion, and con- 
duction of heat) the total entropy of all participating systems increases. On 
the other hand, for the reversible processes which we shall alone consider in 
the future, while single systems or parts of systems may increase or decrease 
in entropy, the total entropy of all the systems concerned, including that of 
the surrounding calorimeter or atmosphere, does not change. From this we 
derive the law of Clausius already mentioned on p. 34. W. Thomson 
(PAt7. Mag,^ (4) 4, 304) had previously given expression to a popularized 
conception of the law. 
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Their sum is— 

chs Co, ChjO 

or arranged — 


'cV X c'o, """"'Vh, X Co, 
The quotient — 


CH,0 __ g^ 


c H,^ X c'o, 

which is characteristic of the equilibrium at T°, is called the 
equUil>rium constant. We may now generalize this expression 
by noticing that — 

C^H, X Co, 

We then obtain — 

A = ETZtiKc - ETSvYW .... (2) 

Partial pressures may be used in the preceding deduction 
just as well as concentrations, and therefore we may write — 

A = ET^nKp - ETSvVny .... (3) 

Yet the numerical value of Kp is, in general, not equal to K<;, 
unless ^v is accidentally equal to zero, and hence the term 
^vlnjpi is identical in value with the term ^vlnc\ 

It follows from (2) that — Combina- 

tion with 
A Helm- 

^ = E^TlKc - ESv'/tIC' holtz'B 

•^ equation. 

This can be directly substituted in equation (1), and we get — 

dRlnKc rfESy7W Qi- 

dT "" dT - "" T^ • • • W 

The term — 

dR^vlnd 

however, here equals zero, for neither E nor Sv' nor the gas con- 
centrations can be changed by a change of temperature dT at 
constant volume. Taking E out, we then obtain — 

^dlnS^ Qt 
dT " "T^ ^^^ 
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This expression has acquired the highest importance because of 
the work of Van't Hoff. Integrated, it gives — 

K/t^Kc = const. -J^rfT (6) 

or — 

ET/t^Kc = const. T - xJ^dT ... (7) 

On comparing with equation (2), it follows that — 

A = ET/t^Kc - ETSyVnc' = -xJ^dT - EXSv'Ztic' + const. T 

Introduc- jf ^qw we introduce the value which Kirchhofif's law gives 
Kirch- for Qt (see (la), p. 49), it follows that — 

hoflTs law. ^ , 

A = ,Tj ^o + <^g+<^T^ ^T . EXSvVW + const. T (8) 

Or, finally — 

A = Qo - (r'.T^TiT - cr"Xa - EX2v77ic' + const. T . (9) 

Subfltitu- If we wish to substitute partial pressures for concentrations 
^^^'J.^j in this expression, we first find that — 

pressuroB dEZuKp dESv'W Qt 

inBtcad of — jt» "" ,^ = — ^5 

oonccntra- ^T al X 

(Here again Qt is the reaction heat at constant volume and T°.) 
Now — 

"dX" 

is not equal to zero, for the pressure changes when we raise 
the temperature at constant volume. But we can readily find 
out the magnitude of this change from the gas law — 

dX "" dX "■ dX + dX + dT 
All of the three terms — 

dlriR dlnT , dlnc^ 
"dX ' ~dT'^^ ~dT' 

except the second, are equal to zero under these conditions, and 
it therefore follows that — 

dmnKp dH^vUnT _ Qt 
dX "^ dX " " T^ 
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This expression, however, is the same as — 

^;?^ - RSv'J = -^' . . . . (10) 

Or, if we arrange the terms more suitably, and add the index (v) 
to Qt to show more conspicuously that we mean the reaction 
heat at constant volume, we get — 

dR/7iKp Q(,)T " RTSi/^ _ _Qo,)T 

d'l "" " T^ " 1? 

Integration gives us — 

R//tKp = const. -/^^?rfT . . . (11) 

which, on multiplication with T, becomes as before — 

RT/7iKp = const. T - Tj^dT . . (12) 

It further follows, just as in the previously discussed case, 
that — 

A = -tJ^^T - ETSy'/V + const. T . (13) 

On the basis of Kirchhoflf 's law, we now introduce the diflference 
of the specific heats at constant pressure — 

Q(pyr = Qo + (t',T + (t"T« .... (14) 
and obtain — 

A = Qo - (TpT/wT - cr"T» - ETSv77i^' + const. T (15) 

We have thus deduced again the same equations which we 
fouii4 ^ ^^^ Second Lecture. It is very evident in this new 
metbod of deduction that, in spite of the introduction of the 
reaction heat at constant pressure (Qo)t), the external work done 
by the atmosphere should not be taken account of. For the 
walls of the equilibrium box, in which the reaction is imagined 
to take place, although partially permeable, are nevertheless 
rigid, and neither allow the atmosphere to do work of com- 
pression upon our system, nor our system, in expanding, to do 
work upon the atmosphere. 

If we examine somewhat more closely the expression which The indo- 
we deduced in the Second Lecture from the conception of^^^^J*.*^ 
entropy, the integration constant obtained here will appear in dynamic 
a new light. According to our earlier discussion, in the case ^^^ ^^ ' 
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of formula (22a) (p. 50X this constant was made up of the 
difference in the true specific heats of the factors and products 
of a reaction and of the latent heat, provided the reaction took 
place at T = 1° and at equalized concentrations (Sv'W = 0). 
We represented this particular value of the latent heat by the 
letter k. This relationship no longer appears in our altered 
method of deduction, but we can easily recognize it if we insert 
the value 1 for T and for Sv'Ziuj', obtaining in this way from 

equation (9) — 

Ai = Qo - (t" + const. .... (16) 

According to the fundamental equation (First Lecture, p. 14), 
A = U — J. If, as before, we call To that value of q which 
corresponds to T = 1 and ^vlnd = 0, it follows that Ai = 
Ui — h We can here substitute for Ui the reaction heat at 
the absolute temperature 1°, and thus obtain — 

Ai = Qo + <r'„ + (t" - A; . . . . (17) 

If we compare this with (16), we immediately get the former 
value of our constant (Second Lecture, p. 50, (22a) and (28a)) — 

Const. = <t\ + 2<r" -*.... (18) 

Another Finally, we may carry through the discussion in a somewhat 

™mtoa^^ different way. Starting from the expression— 

tion. JK 

A = U + t|^ (19) 

and substituting — 

A = U + T^ = Qr + T^ = Qo + cr'.T+cr"P+T^ (20) 

we differentiate the resulting equation with respect to T at 
constant volume, and thus obtain ^ — 

^ We shall later (p. 80) draw a particular conclusion from this relation, 

for which we will now take the preliminary steps. Thus, if T-r^pg = 0, the 

difference of the specific heats of factors and products is also equal to zero, 

and vice versa, as is evident from equation (20) and (21). Now, -^rp is the 

change of the temperature coefficient with variable temperature. We con- 
clude, therefore, that wherever the specific heats of factors and products are 

dA 

equal, == has the same value at all temperatures. But where the specific 
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:±cr; + 2cr"T + T5^,+ 


or — 

-T|^ = (r', + 2(T"T .... (21) 

If <Tv + o'"T (see p. 49) is the difference of mean specific heats 
of factors and products between and T° at constant volume, 
<Tv + 2(r"T is the difference of the true specific heats at constant 
volume and at r. Eearranging- 

f^=.^^^-2." (22) 

and integrating, it follows thatr- 

dA 


dT 


= -(rVnT - 2cr"T +/(v)^ . '. . (23) 


Now it is easy to show, on the basis of certain considera- 
tions due to Van't Hoff, that the function of the volume ratios 
f{v) in this equation is identical, except for a constant Xy 
with — 

We then obtain — 

dX 

Substituting this in (20), it finally follows that — 

A = Qo - (t/T/tiT - cr"T3 - ETSvVnc + (cr/ - x)T (24) 

heats (at constant volume) of factors and products are equal, the reaction 
heat (at constant volume) is constant and independent of the temperature* 
Consequently, constancy of reaction heat at constant volume signifies 

constancy of ^, at all temperatures. But - T— is equal to the latent heat 

dA. o ' 

q (see p. 19). If ^ is .constant, ^, is also constant at all temperatures, 

and therefore, finally, if the reaction heat is constant, ^ is identical at all 

temperatures. 

* A function of those variables which were taken as constant during the 
integration make its appearance here in place of the integration constant, just 
as in the corresponding derivation of equation (23) in the Jfirst Lecture. It 
is here a function of the volume or concentration ratio. 
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The ap- 
proxima- 
tion for- 
mulsB. 


Van't 
HoflTfl 
approxi- 
mation. 


CompariDg with (9) and (18), we see that oj = A — 2(r". The 
expression (o-^ — a?) is the same one which we previously called 
((r'„ + 20-" — /:), and which we obtained in equation (9) under 
the simple guise of "const." That it has a different formal 
appearance depending on the method of derivation is due to the 
circumstance that in every integration there must always remain 
an indeterminate constant. 

The latent heat is, then, as we have already seen in the 
Second Lecture, the only remaining unknown factor in a gas 
reaction which progresses, or, more precisely, which can be 
considered to be progressing, at the absolute temperature 
T = 1° and at equalized concentrations {^vlnc* = 0). We 
need not again consider how this unknown quantity is related 
to the value of a degree on the temperature scale. 

It now remains for us to learn what modifications may be 
made in our f ormulse to adapt them for special cases. Since our 
knowledge of the reaction heat or of the specific heats is often 
most unsatisfactory, it is of the very greatest importance to 
know what thermodynamic conclusions we can draw without 
their aid. 

The most important of these conclusions is one which Van't 
Hofif has derived from the formula — 


B 


dT" 


Q 


(t,)T 


fji2 


(5) 


He points out that the reaction heat (Qt) at constant volume 
always changes very slowly with the temperature. We may 
therefore assume, without hesitation, that between any two 
fairly adjacent temperatures, T' and T", it would have the 
constant average value Q»i. Integrating (5) between these 
limits, it follows that — 


or — 


E/^l^ = Q,.Q. - ^,) . . (25) 


Knowing the experimentally determined value of Kc at the 
temperatures T and T", we can easily find the mean reaction 
heat Qm between T' and T" (at constant volume). 

If T' and T" are high temperatures, not very far apart, the 
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value of Q«» computed in this way may be very diflferent firom 
the value of the reaction heat measured calorimetrically at 
ordinary temperatures and at constant volume. By comparing 
both values, we may see how the reaction heat depends on 
the temperature, and estimate the difference between the 
specific heats of the factors and products and its change 
with the temperature. This method is of great theoretical 
importance in determining or checking other determinations of 
the change of the specific heats with the temperature. We 
shall see how Bodenstein actually made use of it in studying 
the dissociation of hydriodic acid. In practice the method has 
the drawback that Kc(to and Kccfo must be determined very 
accurately. A numerical example will best illustrate this. If 
T' and T" are respectively 2000° and 1800° on the absolute 
scale — 

r'""T'"l800"2000" ^'^^ ^ ^^"' 

That is, Tjv, — rn» is a very small number. The mean reaction 

heat, which in this case we may consider the reaction heat at 
1900° abs., is then— 

^ " 5-55 X 10-»^^ Kc(2oao) 

or, substituting Briggsian logarithms for the natural logarithms, 
and the value 1*98 for E— 


Qm = 0-829 X 10« log J 


K^(i£00) 

c(2000) 


Now, suppose that the ratio of the two constants as found in 
a series of experimental determinations, which are in most 
cases not simple, was really 10 per cent, too great. Q« would 
then come out wrong by 0*829 x 10^ log (11), or in round 
numbers, 2500 cals. An error of this magnitude makes it idle 
to attempt to calculate the change in the specific heats with the 
temperature from the heat of reactions at ordinary temperatures 
and Q„», the heat of reaction at 1900° abs. 

In this state of affairs it is natural that determination of 
Qm should only be used as a sort of check to see whether the 
values of K as found for any two temperatures stand in 

F 
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approximately the right relation. We usually know enough 
about the specific heats to be able at least to estimate how 
great the reaction heat could be at another temperature. If we 
get approximately the same result from the equilibrium con- 
stants of equation (25), then these constants must certainly 
bear nearly the right ratio to one another. 
Theap- While we may unhesitatingly neglect the change of the 

tioif^ual reaction heat within narrow temperature intervals, we should 
in theo- possibly introduce a considerable error into our calculations if 
phyScs. we neglected it at all temperatures. We do not, therefore, get 
such a good approximation using the equation — 


The fun- 
dameotal 
assump- 
tion of 
Bulf and 
Glausius. 


A = Q^ - ETSv' In d + const. T 


(25a) 


This approximate equation serves chiefly for calculation of 
equilibria, A being put equal to zero, and SvVnc' equal to K^.. 
It is widely used in theoretical physics. Planck, for instance, 
bases all his examples on it.^ Its basis is a very interesting 
one. It depends on the supposition that the specific heats of 
gaseous compounds are made up additively of the specific heats 
of the gaseous components. 

This supposition was first made and defended by Buff ^ (1860), 
and also by Clausius^ (1861). Both based their arguments on 
the experimental results of Eegnault. Clausius gives a table 
(Z.c. and later corrected in accordance with Eegnault's final 
values and published as Appendix B to his sixth paper on 
thermodynamics*), in which he compares the experimental 
values with those calculated on the assumption that all 
diatomic gases have the same specific heat at constant volume, 
and that, further, the triatomic gases have specific heats half 
again as great, the tetratomic gases twice as great as these, and 
so on. The agreement is very imperfect. The deviations 
occasionally exceed 30 per cent. Eegnault,^ in his critical 
discussion of the experimental facts, therefore denies the view 
championed by Bufif and Clausius, or is at least very sceptical 
about it. It is primarily an extension to gases of the rules of 

1 For a more detailed discussion see the Fifth Lecture. 

2 BufiF, Liebig's Ann. d. Chemie u, Pharm., 116 (1860), 301. 

3 Clausius, Liebig's Ann. d. Chemie u. Pharm.y 118 (1861), 106. 

* " Abhandlungensammlung," Bd. ii. (Braunschweig, 1864), S. 286. 
6 Mem. Inst, de France, 26 (1862). 
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Neumann (1831) and of Kopp (1864). These rules state that 
the specific heats of solid compounds are made up additively of 
the specific heats of the solid constituents. Viewed from the 
standpoint of the mechanical theory of heat, it represents an 
application of Berthelot's principle, which we discussed at the 
close of the first lecture. To be sure, the assumption of Bufif 
and Clausius (as expressed in 25a) is by no means a sufficient 
condition that heat (Q,,) and work (A) (when mass action is 
equalized — that is, when SvVtic' = 0) are identical. For, as we 
see in the equation, they differ by the term const. T. But the 
assumption of Bufif and Clausius, which makes the terms <r'«T/7iT 
and <r"T^ (which do not appear in equation 25a) equal to zero, 
is one of the conditions necessary for the identity of Q^ and A 
as maintained by Berthelot. 

From the atomistic point of view which Clausius took, the 
theory proposed by Bufif and himself had a still further significance. 
Clausius asked himself what effect the heat which one added to the 
gas had upon the molecules. He divided it into a portion which 
exerted a heating efifect only, and another portion which changed 
the internal nature of the molecule, exercising, in particular, 
a loosening power upon the forces which held the atoms 
together. Because of this distinction, Clausius naturally came 
to investigate the limiting case where heat worked solely upon 
the thermal condition of the gas, and had no efifect on the 
molecular properties of the gas particles. He was able to 
deduce mathematically for this limiting case the view proposed 
by Bufif and himself. Clausius therefore considered the additive 
nature of the specific heats as a characteristic of perfect gases. 

The importance of atomistic considerations in thermodynamic 
questions is very differently evaluated. Many important dis- 
coveries have imdoubtedly been made by their help, and 
Boltzmann ^ has shown that the mechanical theory of heat can 
be completely represented on an atomistic basis with the aid of 
the theory of probability. On the other hand, Gibbs,^ Helmholtz, 
Planck,® and Mach * have shown that the theory of heat becomes 
simpler and more convincing when stripped of its atomistic 

1 " Vorlesungen tlber Gastheorie," ii. Teil (Leipzig, 1898). 

2 " Thermodyn. Studien," trans, by Ostwald (Leipzig, 1892). 

3 " Thermodynamik," 2 Aufl. (Leipzig, 1905). 

4 " Prinzipien der Warmelehre," 2 Aufl. (Leipzig, 1900). 
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clothing. This especially applies to the work of Mach. If 
we abandon the atomistic basis and no longer consider the 
peculiarities and movements of molecules imperceptible to all 
our senses, and consider instead those qualities of heat and 
work — things directly accessible to our senses corresponding to 
molar quantities — ^the view of Clausius and Buflf loses the 
nature of a postulate, which it possessed with Clausius> and 
becomes simply a statement of experimental fact. It is in this 
sense that Planck introduces it into his thermodynamic treat- 
ment, while we, because of the poor confirmation, which ex- 
periment affords it, do not use it in our general considerations. 

Historically, it is interesting to note that the first application 
of thermodynamics to chemistry resulted from the use of the 
Buff-Clausius approximate assumption. 

Clausius called attention only to the general applicability of 
the theory of heat to chemical reactions. We have Horstmann ^ 
to thank for the fundamental advance from this incidental 
observation to a fruitful thermodynamic treatment of chemical 
problems. His development lacked the completeness which 
was later attained by Gibbs, Helmholtz, and Van't Hoflf.^ It 
followed directly the line of reasoning adopted by Clausius, and 
practically resulted in equation (25«). He does not fail to call 
attention to the variability of the reaction heat with the 
temperature and to its effects. But, standing within the sphere 
of the thought and influence of Clausius, he naturally ascribes 
only a subordinate importance to this possibility. It is of 
considerable interest to compare Horstmann's treatment with 
that of Le Chatelier, which we mentioned at the beginning of 
the First Lecture. Both treat the same relationships, and in 
part the same examples. But almost a generation lies between 
the two, during which Helmholtz and Van't Hofif, particularly, 
had shown the way to apply systematically thermodynamics to 
chemistry. The view of Buff and Clausius is no longer enter- 
tained by Le Chatelier. 

* " Abhandlung zur Thermodynamik chemischer Vorgange," edited by 
J. H. Van*t Hoff (Leipzig, 1903; Ostwald's Klassiker, No. 137). Compare 
the historical observations of Van't HoflF on p. 73 of this paper. 

2 "Die Gesetze des chemischen Gleichgewichts." Translated into the 
German, and edited by Bredig (Leipzig, 1900; Ostwald's Klassiker, 
No. 110). 
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If we substitute for c in equation (25a) as before, the ex- Roughest 

approxi- 

pression :^, it follows that — roataon. 

A = Qi, + KTSi/'teT - ETSv7np' + const/ T 

If we consider the term ZnT as constant, which is permissible 
within narrow temperature limits, or if Sv' equals zero, we may 
rewrite the formula as follows — 

A = Q - ETSi;77tp' + const." T . . (26) 

This expression is the one used by Bodlander.^ Applying it 
to the whole range of temperature involves an approximation 
which, again, is less complete than the former one, except when 
the number of molecules on each side of the chemical equation 
is the same. 

Bodlander's formula calls Q the reaction heat at ordinary 
temperatures. It does not matter whether we take reaction 
heat at constant pressure or constant volume, for we are only 
concerned with the roughest kind of an approximation formula, 
and the two sorts of reaction heats are always nearly the same 
at ordinary temperatures. The fundamental idea in the ap- 
proximation, namely, that the specific heats of gases at constant 
pressures are additive, is older and less complete than the view of 
Buff and Clausius expressed in equation (25a), as Clausius himself 
pointed out. It can neither be explained in terms of the atomistic 
conception, nor is it compatible with Berthelot's principle. 

Equation (26) has an important empirical bearing on certain 
phenomena related to gas reactions, particularly dissociations in 
which solids and a single gas take part. If it were not for this, 
equation (26) would only be of value as a rough approximation 
formula with which to compute, from values of the free energy and 
the equilibrium constant observed at known temperatures, values 
at intermediate temperatures. To make this clear, we shaU briefly 
discuss the connection between the reactions of solids and of gases. 

Where both solid and gaseous substances take part in a when 
reaction, we can deduce in the same way the formulae which we ^}^^ ^^^ 

* ** stances 

found for simple gas reactions. Suppose, for instance, that the join in the 
reaction— . , . , , , - '^^*^°°- 

where c and / are solids, were to be studied instead of a gas 

1 Zeitschr.f. Elektrochemie, viii. (1902), 833. 
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reaction. We can imagine an equilibrium box containing all six 
substances in a state of equilibrium, just as we did at the 
beginning of this lecture. Here, as before, we introduce the 
gaseous substances a and 6 at their concentrations in the equi- 
librium mixture, and draw out the gaseous substances d and e 
in a similar way. The reaction then progresses in the equilibrium 
box without any expenditure of work so long as the supply of 
c and /holds out, and we can, of course, consider the supply as 
indefinitely large. The concentrations a, b, d, and e are the sole 
variables. Only these substances, therefore, can be brought to 
other concentrations by isothermal expansion. We therefore 
find exactly the same expression (2) or (3) for the energy of our 
reaction, excepting only that the gaseous substances and not 
the solids appear in the term ^v'lnc', or ^v'lnp'. The subse- 
quent treatment is the same, step for step, as that of gaseous 
systems. Only the reaction heats and the specific heats are 
afiFected by the presence of the solid substances.^ Among the 
cases here included there is one which is of especial interest to 

The difl- US. It is the case of dissociations, where but a single gaseous 

oT^icimn component is present, as, for instance — 

carbonate. OaCOg = CaO + CO2 

1 There is an observation which ought to be made regarding the specific 
heat of solids. It is as easy to determine the specific heats of solids at 
constant pressure as it is difficult to determine their specific heats at constant 
volume. Fortunately, it is of no importance what this specific heat at constant 
volume is, so long as we are only dealing with simple substances, and not with 
solid solutions of variable composition. In deducing our formulae (p. 22), we 
assumed the volume to remain constant when we raised the temperature (TT 
degrees, for we wished the heating to take place without doing work. In 
this way we obtained expressions referring to constant volume or constant 
concentrations, and in which the specific heat at constant volume appeared. 
Now, solid substances have such a small coefficient of thermal expansion, in 
comparison with gases, that we may neglect without hesitation the work 
which they would do in expanding against any small external pressure (1 
atmosphere, for instance). We may therefore put the specific heats of solids 
at constant pressure, except when very high pressures are considered, as 
identical with the specific heats, when the solids are heated without their 
doing any work against external pressure. These latter specific heats, however, 
are implied in thermodynamical formulfie. Besides, by determining the values 
of the specific heat of solids in a vacuum, we could easily realize the case 
where practically no work was done against an external pressure. It is 
naturally supposed that no vaporization of the solid substances takes place 
and interferes with this determination of their specific heats in the vacuum. 
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We may apply our conclusions to such a reaction in the follow- 
ing way.^ Let us imagine a box containing both calcium oxide 
and calcium carbonate to be heated to a high temperature. A 
certain pressure, K^,, of carbon dioxide will establish itself in the 
box, corresponding to the equilibrium of the three substances. 
If, now, we imagine one of the walls of the box to be permeable 
to carbon dioxide, and that through it we draw out this carbon 
dioxide at the pressure prevailing in the box, the reaction will 
progress steadily in the box. at the equilibrium point without 
doing any work. It will only come to an end when the supply 
of carbonate is exhausted, and we may imagine this to be as 
large as we please. If we wish to know what the reaction 
energy of the decomposition will be, at some other pressure of 
carbon dioxide jpcoa* we may first carry out the decomposition at 
the pressure K^,, as above described, and then bring the carbon 
dioxide thus obtained from the pressure Kp to the pressure ^^co^ 
by an isothermal and reversible process. This would yield the 
work — 

A = ET/7iKp - ET/Tipcoa 

which must be identical with the reaction energy of the direct 
decomposition sought, for the maximum work is independent of 
the path by which we obtain it. Just as before, we can now 
deduce the relation between this reaction energy and the heat of 
decomposition at constant pressure — 

If, as a first approximation, we assume the heat of decompo- 
sition to be independent of the temperature, we further obtain 
by integration — 

E/7tK^ = ^^ -t- const (28) 

This formula is perfectly comparable with the expression (26) 
which we obtained before. This becomes evident as soon as we 
rearrange it to — 

= Q^ - ET/TiKp -h const. T . • . (29) 

^ This case, so frequently discussed, is somewhat complicated by the fact 
that, according to Raoult (Owi^. i?c«d, 92 (1881), pp. 189, 1110, and 1457), 
the alkaline carbonates form basic carbonates with carbon dioxide at high 
temperatures. We shall not consider this aspect of the problem. 
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where the value tells us that the reaction energy vanishes at 
the pressure Kp. 
Theim- We can make very profitable use of this equation if we 

^dis-^ know the value of the constant it contains. For with its help 
sooiation we can pass over from gas reactions proper to reactions 
m gaw "* between gases and solids. Suppose, for example, that we wished 
reactions, to predict whether a certain mixture of carbon monoxide and 
dioxide would reduce a metallic oxide, say FeO, or oxidize the 
corresponding metal, Fe, at a temperature of T. Using the 
formula, we can calculate the partial pressure of oxygen which 
is in equilibrium with iron and ferrous oxide at T**. If, then, on 
the other hand, we know enough about the equilibrium 
CO + ^ CO2 to tell what pressure of oxygen can exist together 
with carbon monoxide and dioxide at their given pressures, the 
problem is solved. That is, if the equilibrium pressure of the 
oxygen in the given mixture of carbon monoxide and dioxide is 
greater than that which can exist in equilibrium with iron and 
ferrous oxide, the iron will be oxidized and oxygen used up. 
This oxygen is furnished by the carbon dioxide, which is thereby 
reduced to carbon monoxide. If the gas mixture is steadily 
replenished, the reaction will continue till all the iron is con- 
sumed. If it is not replenished, then the reaction comes to a 
halt when the partial pressure of the dioxide has diminished, 
and the partial pressure of the monoxide increased so far that 
the partial pressure of the oxygen in equilibrium with them 
shall have become equal to the equilibrium pressure of the 
oxygen over the ferrous oxide and iron. If from the start we 
had such partial pressures of monoxide and dioxide that the 
oxygen partial pressure in equilibrium with them was less than 
the dissociation pressure of the ferrous oxide, the latter would 
dissociate, giving up oxygen to the carbon monoxide. If the gas 
mixture is steadily renewed, this would continue till all the ferrous 
oxide has been used up, otherwise it would cease when the partial 
pressure of the oxygen in equilibrium with the monoxide and 
dioxide was equal to the dissociation pressure of the ferrous oxide. 
We can apply the same reasoning to the trdusformation of 
ferrous oxide into ferric oxide and the corresponding transfor- 
mation of ferrous oxide into ferrous-ferric oxide. The more 
accurate investigation of this case which Bauer and Glaessner ^ 

1 Z,f.j,hy8. Chemie, 43 (1903), 354. 
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have carried out naturally disclosed certain deviations, because 
the approximate assumption regarding the reaction heats is not 
sufficiently exact. Yet it does not invalidate formula (28) for 
purposes of illustration. Very similar considerations apply to 
the oxidizing or reducing action of moist hydrogen.^ 

All oxidations by carbon monoxide and hydrogen (or techni- other 
cally by water-gas or half-water-gas), and by carbon dioxide ^^^n^P^®* 
and water-vapour, may be similarly treated. Indeed, if we 
look more closely, we see that most reactions of solid substances 
with gases can be referred in this way to a gaseous equilibrium, 
and one or more dissociation equilibria. Thus we may con- 
sider the action of carbon monoxide on molten caustic soda^ — 

CO + 2N"aOH % COsNaa + Ha 

to consist of a competition between the dissociation of sodium 
carbonate into carbon dioxide and sodium oxide, and of sodium 
hydi-oxide into sodium oxide and water, and the " water-gas " 
reaction, as illustrated in the following reaction : — 

2NaOH NaaCOs 

CO + H2O ^ COa + Ha 

+ + 

NaaO 

^ We find cases, such as the action of hydrogen on silver chloride and 
bromide, which belong there, and which Jouniaux (Compt. Bend., 129 (1889), 
883; 132 (1901), 1270; 133 (1901), 228) has studied. Here the dissociation 
of the halogen salt into halogen and metal is linked with the reversible forma- 
tion of the halogen acid from halogen and hydrogen. If the pressure of 
hydriodic acid over any aqueous solution of hydriodic acid between 0*015 and 
0*167 normal were known, we could easily calculate from DanneePs electrical 
measurements {Z, /, phys. GhemiSy 33 (1900), 442) the coiTesponding equi- 
librium between silver iodide, hydrogen, and hydriodic acid. We could 
further, with the help of Bodenstein's measurements of the hydriodic acid 
equilibrium (to be discussed in the next lecture), calculate the dissociation 
equilibrium of the silver iodide. 

We should also mention in this connection Pelabon's investigations {Ann, 
Chim, Phy*,y vii. 25 (1902) 365), of the behaviour of hydrogen towards the 
sulphides of the heavy metals, where the dissociation of the sulphide into 
metal and sulphur is correlated with the equilibrium between sulphur vapour, 
hydrogen sulphide, and hydrogen. A comparison could here be made with 
Bernfeld's measurements {Z,f,phys, Chemie, 25 (1898), 46). 

2 Haber and Bruner, Z.f. Elektrochem., x. (1904) 708. 
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We might similarly resolve the well-known sulphate process of 
Hargreaves — 

2N'aCl + SOa + + HaO = Na2S04 + 2HC1 
into the two dissociation equilibria — 

2NaCl ^ Naa + Cla 
Na^S04 % NagO + SOg 

and the gaseous equilibria — 

SOa + ^ SOg 
Cla + HaO ^ 2HC1 + 

One of these gaseous equilibria is the basis of sulphuric 
anhydride manufacture, the other of the Deacon process. 

Two solid substances, such as lime and calcium carbonate, 
which exist in a dissociation equilibrium with a gas, act on the 
gas like a pressure regulator. They take up the gas when the 
pressure tries to rise, and give it oflf when it tries to fall. Thus 
they exert the same influence on the pressure as a condensation 
product of the gaseous substance (for instance, solid COa in 
presence of gaseous COa) would do. In this case the vapour 
pressure of the gas corresponds exactly to the dissociation 
pressure in the above sense. A gaseous equilibrium linked 
with a vaporization is consequently entirely analogous to one 
linked with a dissociation. Pelabon^ has studied an example 
of this kind. It consists in the reversible formation of gaseous 
hydrogen selenide from solid selenium and gaseous hydrogen. 
Here the equilibrium — 

Se(Bolid) <t Se(vapour) 

is coupled with the equilibrium — 

SeHa(gM) ^ Se(vapottr) + Ha 

We are also in possession of a similar study of the formation 
of hydrogen sulphide from liquid sulphur and hydrogen gas.^ 
Dissociation equilibria, therefore, deserve just as full a treat- 
ment as gaseous equilibria. Yet we cannot undertake it here. 
We must content ourselves with considering but one side of the 
matter, namely, the constant of the approximation formula (28), 
whei^ the reaction heat is taken as unchanging. 

» Z.f. phtfs. Chemie, 26 (1898), 659. 

* Bodenstein, Z.f. Fhys. Chemie, 29 (1899), 315, and Pelabou (/.c). 
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We have justification for the remarkable statement that The con- 
this constant has a similar value, about 32, for a great number formula 
of simple processes of dissociation where but a single gas is (28). 
present besides solid substances. This being so, formula (28) 
becomes — 

- ^ = about 32 (30) 

when the dissociation pressure of the gases represented by 
Kp equals one atmosphere. This number has been found to 
vary some seven units in each direction. Le Chatelier,^ who 
first called attention to this surprising relation, found values in 
the few cases at his disposal which were generally a trifle 
below 32. Forcrand,^ who has recently concerned himself with 
the matter, frequently finds somewhat higher values. 

The first question that one naturally asks, in view of this 
fact, is whether the agreement is due to certain regularities 
among the specific heats or to the nature of the dissociation 
process itself. It therefore seems advisable to examine dis- 
sociation from a somewhat different point of view. We take as 
an example the dissociation of calcium carbonate. 

Let us consider this dissociation as the passage of carbon Dissocia- 
dioxide from the solid, bound condition to the gaseous, free^g^gj^g 
condition. It is then, as we have already pointed out, com- a vaporiza- 
pletely similar to the process of vaporization. Indeed, we can 
obtain equation (27) directly by treating the reaction from this 
point of view. According to Clapeyron and Clausius, every 
vaporization is governed by the thermodynamic relation — 

<l=^1{v.-v,)^ (27a) 

Here g signifies the latent heat of vaporization, that is the 
heat used up in the formation of vapour, Va the volume in the 
gaseous condition, «?& the volume in the solid (or liquid) con- 
dition, and jp the pressure at the temperature T. The quantities 
of heat and the volumes all refer to one mol of substance. Apply- 
ing this equation to our process, which we may write as — 

C02(8olid, bound) "^ VaporizatioU -> C02(ga8eou8, free) 

1 Ann. des Mines [8], 13 (1888), 157. 

2 Ann. Chim. Phys., vii. 28 (1903), 384, 531. 
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we ought to obtain the same result as we did from our other 
conception of the process, as embodied in equation (27). On 
comparing the two, we note that the heat liberated by the 
splitting ofif of the carbon dioxide was called Qp in (27), while 
the heat absorbed in the same process was called j in (27a). 
It follows that g' = — Qp. The equilibrium pressure, which we 
called Kp in (27) we called 'p in (27a). We notice, further, 
that the volume of solid, bound carbon dioxide (that is, the 
difference between the volume of one mol solid calcium car- 
bonate and of one mol solid lime) is thousands of times smaller 
than the volume Va of a mol of gaseous carbon dioxide under 
the equilibrium pressure of the dissociated mixture. The 
difference Va — H is therefore not perceptibly different from t?a. 
Then, too, the carbon dioxide obeys the gas laws almost exactly 
under the conditions of the dissociation equilibrium where we 
have either very low pressures at low temperatures or moderate 
pressures at high temperatures. We may therefore sub- 

TIT RT 

stitute — for t?a, or, as well, for (Va — v^ ; and, further, ^ for 

ET 

— and Kp for /?. Therefore (27a) becomes — 

ET» rfK 


""^^" t ^ rft' 


or, when transposed — 


-^ rffaK p _ _ Qp 
rfT "" T^ 


which is identical with (27). 
Applica- Now, in order to pass over to the integrated form of our 

Kirclf. equation, we will replace the inexact assumption of a constant 
hoflfs heat of reaction by the more exact expression afforded by 
Kno.*^^ Kirchhoff's law that— 

mona of 

T^Pori*!- Q» = Qo + «r',T + <r" T« 

tion. 

The difference of the specific heats which here appears is the 
difference between the specific heats of a mol of carbon dioxide 
in the solid fixed condition and in the gaseous free condition. 
We can easily determine what the specific heat of the solid 
fixed carbon dioxide is by measuring the amounts of heat given 
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oflf, respectively, when we allow a mol of calcium carbonate and 
a mol of lime, each heated to T°, to fall into an ice-calorimeter. 
In this way we determine the mean specific heat of the calcium 
carbonate and of the lime between 273° abs. and T° abs. The 
difference between the two represents the mean specific heat 
of solid, fixed carbon dioxide over this interval of temperature. 
By repeating these experiments at other temperatures we may 
determine this specific heat over a wider temperature interval. 
In this way we can derive an expression a + 6T which will repre- 
sent the mean specific heat of solid, fixed carbon dioxide between 
0° abs. and T^ abs. There might possibly be still a third term, 
cT^, in the expression, but we will neglect it here for the sake 
of simplicity. If we subtract from this the expression a! + 6'T, 
representiug the mean specific heat of gaseous free carbon 
dioxide at constant pressure, we obtain the value o-p' and <r"T^. 
Substitutiug these values in (27) and integrating, we get the 
expression — 

IMTiKp = Y - V^^T - (t"T -t- const. 

instead of (28). 

We may again make use of Kirchhoflf's law and replace Qo 
by the heat of reaction at ordinary temperatures (about 290° abs.) 
which appears in equation (30), writing — 

Qp(29o) = Qo + <r p X 290 + (t" X 2902 

If we substitute this expression in th« preceding equation, 
choosing at the same time such a temperature that Kp = 1 and 
consequently l^lnKp = 0, we obtain — 

_%^=. „'^lnT + 2^) - ."(t + ?^) + const. (30a) 

The left-hand members of equations (30) and (30a) are identical. 
Consequently the right-hand member of equation (30a) must 
be very generally equal to 32. If we examine the examples 
upon which this fact is usually based, we find that they are 
either carbonates which split oflf carbon dioxide, solid hydrates 
which give oflf water- vapour, ammonia compounds which lose 
ammonia, or finally oxides where oxygen is set free by heating. 
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Now, the specific heats of the gaseous products of dissociation 
are, according to Kopp,^ as follows : — 

O2 CO2 H2O 

8-0 9*8 8-6 

The atomic heat of nitrogen in the solid fixed condition is 
uncertain, and the value for ammonia is omitted on this 
account. The other three values lie sufficiently near the mean 
specific heats of the same substances in the gaseous state (per 
one mol at constant pressure between 0° and T°) to allow us to 
assume that (t/ and <r" and the terms containing these quantities 
in (30a) are very small. Looked at in this light, the fact 
expressed in equation (30) simply means that in the reaction — 

C02(8oUd, fixed) -> vaporization -» COg^gaaeous, free) 

and in analogous ones, the constants of the equatioji governing 
it have a nearly identical numerical value, and that the approxi- 
mate formulae (28) and (30) give the same constant just because 
the terms neglected are small in the examples at our disposal. 

But if the numerical value 32 is correlated to the change 
from solid to gaseous state, the suggestion immediately presents 
itself that we might find the same number in the case of an 
ordinary vaporizatiou, such as — 

C02(6olid, free) "> Vaporizatiou -» C02(ga8eou8, free) 

representing the quotient of the heat of vaporization and that 
temperature at which the vapour pressure of the solid substance 
equals an atmosphere. As Forcrand (Z.c.) has shown, this is 
really the case. 

To make the matter clearer we may proceed in yet a 
different way, making use of a principle which has to do with 
the reaction of solid substances with other soUd substances to 
form solid products. For brevity's sake, we will call such re- 
actions " solid " reactions. We can then say that in " solid " 
reactions the heat of reaction and the maximum work are very 
nearly identical. 

This principle is easily understood, because, in the first 
place, according to the Kopp-Naumann rule, the specific heat 
of a solid molecule is equal to the sum of the specific heats 

1 See compilation in Ostwald's " Lehrbuch der allgem. Chem.," i. (1891) 982. 


SOLID REACTIONS 79 

of the component atoms. Now, every chemical reaction is 
simply a rearrangement of the atoms to form new com- 
pounds. If the atoms retain their original specific heats 
in all the compounds, then initial and final substances have 
the same specific heats, and all dififerences between the 
specific heats of the substances formed and the substances 
used up disappear. But, in the second place, the effect 
of variable concentration, that is of mass action, is absent 
in the case of solid reactions. Bodlander^ has tested the 
principle in a most patent way on the basis of the following 
considerations. It ought to require the same amount of work 
to break up a substance in a saturated solution as in the solid 
state. Now, the saturated solutions of many substances are 
very dilute. Take, for example, the saturated solution j? of 
silver chloride, bromide, and iodide in water. Here the salts 
are almost exclusively present as ions. If we caU the solu- 
bility of a salt S, meaning the number of salt mols contained 
in a litre of the saturated solution, then one litre of saturated 
silver iodide solution will contain S mols of Agl, S being very 
small. The concentrations of the two ions (A^r* and I') would 
also be S. The work required to bring the ions from the con- 
centration S to the concentration 1 (one mol per litre) is 
known. The work required to bring the ions from this concen- 
tration 1 into the solid elementary condition by discharging 
them electrically (decomposition voltage) is also known. 
According, therefore, to the principle with which we started, the 
sum of these two amounts of work must be equal to the 
negative heat of formation, that is, to the heat of decomposition 
of the solid substance into its solid components. 

In other words, we ought to be able to obtain the same 
quantity of work whether we convert the solid components 
directly into the solid compound, or whether we first bring 
them (by help of a suitable reversible cell) into solution as 
ions at a concentration of 1 mol per litre, and then dilute this 
solution in a reversible way (by help of an osmotic machine) to 
the concentration these ions have in a saturated solution of 
the compound. This work, according to the principle under 
discussion, must equal the heat of reaction of the solid sub- 
stances. In this way, Bodlander was actually able to determine 

1 Z./. PAys. Qhtmw, 27 (1898), 55. 
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with success the solubility of many solid substances from their 
heats of formation, on the one hand, and the electromotive 
forces of suitable electrodes on the other. 

Haber and ToUoczko^ have lent further support to this 
principle by showing that the counter electromotive force of 
polarization in the electrolysis of solid, non-molten substances 
corresponds very nearly to the heat of reaction. 
Dissocia- If we assume the principle of " solid " reactions as true, we 
vaporiza- ^^ computc the degree of dissociation and the constant 32 
tion are appearing in equation (30) in the following way. We will not 
qmntita- <liscuss the general case, but instead take some specific case of 
tively dissociation like — 
iSrS- CaCOs^CaO + CO. 

"ToUd " The line of reasoning is as follows : We produce a mol of 
reactions, carbon dioxide at atmospheric pressure from the calcium carbon- 
ate, first at the boiling point of solid carbon dioxide, and then at 
the temperature where the dissociation pressure of the carbon 
dioxide over the mixture of burnt and unburnt lime equals one 
atmosphere. In both cases, according to our initial assumption — 

We now introduce the approximate assumption that U, that is 
the decrease in the total energy, has the same value at the two 
temperatures. We then know, from a former discussion of the 

matter (see p. 50, note 1) that % would have the same value in 

both cases. Now, we can very easily determine the latent heat 
J of the reaction at the boUing-point of the solid carbon 
. dioxide, by resolving the reaction into a solid reaction where 
the heat and work are identical, and a simple vaporization. 
That is, we imagine that the solid carbonate is first converted 
into solid lime and solid carbon dioxide, and then that the 
solid carbon dioxide vaporizes under atmospheric pressure 
(boiling-point = 194*8° abs.). The heat of vaporization is equal 
to the total latent heat of the reversible formation of carbon 
dioxide from the carbonate, at atmospheric pressure and 
1948° abs. According to Favre,^ this amounts to — 6257caL 

' Z./. Amrg. Chem,, 41 (1904), 407. 

2 ^^n, Chim. Fhys., (5) 1 (1874), 250 ; Behn {Drudes Ann,, 1 (1900), 270) 
finds 142'4 cal. per gi'am, from which we get the value of 6265*6 cal. per mol. 
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( ± 2 per cent, error). On the other hand, A is zero at the 
temperature where the carbon dioxide at atmospheric pressure 
is in equilibrium with the carbonate, and hence the latent heat 
y is equal to the change of the total energy of dissociation, or 
the directly measured heat of dissociation. This amounts to 
-42,000 cal. 

a- 2 • 1 • 1. .1. 6257 42,000 , ^^ 

Since ^ IS equal in both cases, tqt;^ = —j^^ — where Ta, 

signifies the temperature at which the pressure of carbon 
dioxide equals one atmosphere. The external work done against 
the atmosphere is neglected on the ground of our previous 
inquiry, which showed that A and U underwent an equal, and 
hence for our purposes immaterial, increment of KTSv'. Yet it 
should be observed that we have assumed the gas law to hold 
for carbon dioxide vapour at its boiling-point under atmospheric 
pressure, and this is certainly but a rough approximation at so 
low a temperature. 

It makes no difference what carbonate we take, provided 
only the requirement is adhered to that the specific heat of 
the carbon dioxide shall be the same at constant pressure both 
when bound to the base as a carbonate or when existing free as 
a gas. Without this assumption we could expect no agreement, 

for it is only true in this single case that ~ has theoretically 

the same value at all temperatures for any given pressure of 

fi2^7 
carbon dioxide. The quantity rQj:^ has the value 32'12. 

Assuming that the heat of dissociation divided by 32 equals the 
temperature T, at which the pressure of carbon dioxide reaches 
the value of one atmosphere, we compute the following values 
of Ta; for several carbonates : — 


Heats of diss. 


AgCOs ... 
CaCOg ... 
BaCOg ... 
Na„CO,... 


16,500 (?) 
42,000 
65,900 
89,960 


Heats of diss. 
32 


= T. 


513 
1312 
1747 
2811 


T^ - 2730 = u 
OC. 


240 
1039 
1474 
2538 


a 
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The first of these numbers agrees with the observations of 
Joulin/ who found U to be about 225°. The second agrees 
with the observations of Debray, who found' tx to be about 
1000°. The third agrees with the statement of Forcrand that 
barium carbonate is decomposed at the highest heat of a gas 
oven. In regard to the fourth, Forcrand states that soda is 
extremely stable even when subjected to the very highest heat. 
Still, this is not as certain as one would infer from Forcrand's 
statement, for loss in weight certainly takes place when sodium 
carbonate is ignited. As is well known, this is the reason for 
not heating sodium carbonate to a glow in preparing it for use 
as a standard substance in acidimetry. Le Chatelier found t^ 
for calcium carbonate to be 812°, quite different from Debray*s 
value. The heat of dissociation of silver carbonate is rather 
uncertain. The agreement is therefore not very pronounced, 
but depends on very interesting and instructive relationships, 
and seems natural enough. In an analogous way, Forcrand 
showed that for numerous double salts containing ammonia, 
which splits off when heated, the heat of dissociation, divided 
by the temperature at which the ammonia has a pressure of 
one atmosphere over the salt, gives the same number as does 
the heat of vaporization of solid ammonia under atmospheric 
pressure. Forcrand showed that the same held true for the 
heat of dissociation of a salt containing water of crystallization, 
and the temperature at which the water- vapour pressure from 
the salt is one atmosphere, compared with heat of vaporization 
of ice and the boiling-point of water. 
Bearing on The fact that the constant of the approximation formula 

rSc*^" ^ (^^) ^^®^ ^^ ^®^^ ^^ quotient of the heat of vaporization and 
the boiling-point of the substance appearing as a gas in the 
dissociation reaction (under atmospheric pressure), indicates that 
this constant has its source chiefly in the change in the state 
of aggregation which the substance experiences when it becomes 
gaseous. It also teaches us that the change from the solid to 
the gaseous state generally involves the consumption of some 
30 X T« cal. of heat in the most various substances ; T^ being 
the boiling-point under atmospheric pressure. 

This fact reminds us of a principle which Desprez and 
Pictet stated in an incomplete way, and which Trouton later 

1 Ann, Chim. Phys. (4), 30 (1873), 276. 
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developed into a rule. According to this rule, the quotient of 
the heat of vaporization (in gram calories) of homogeneous 
liquids, divided by their absolute boiling-point under atmo- 
spheric pressure, is likewise a constant, and equals about 21. 
Van't Hoff^ has shown that this rule finds an explanation in 
the atomistic theory of corresponding states, enunciated by Van 
der Waals. Forcrand's extension of the Desprez-Pictet-Trouton 
rule to the transition solid-gaseous, shows us that the relation 
of latent heat and state of aggregation possesses a still more 
general regularity, and makes it seem possible to extend Van 
der Waal's theory to the solid state. Perhaps, too, these facts 
serve to render the idea of entropy more comprehensible, for 
the number 32, or in the case of the Desprez-Pictet-Trouton 
rule, the number 21, is nothing but the change of entropy in- 
volved in the change of the state of aggregation under a 
pressure of one atmosphere. The significance of entropy in 
the simplest changes of substances is therefore patent. 
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Nernst has recently put forward a new point of view for the cal- 
culation of chemical equilibria from thermal measurements.^ His Nernst's 
starting-point is the assumption that for " solid " reactions (p. 78), ^^^^\ 
not only does the relation ' — hypo- 

[Ao] = [Qo] *^^*i«- 

hold, according to which heat and work are the same for all reactions 
at absolute zero, but also — 

[So] = 

This means that not only does the product TS become zero when 
T = 0, but for this class of reactions at 0° abs. the change of 
entropy itself is zero. Whether the assumption is correct or not 

1 " Vorlesungen," 2nd edit., 1903, p. 52. Compare also Nernst, "Theo- 
retische Chemie,'' 4tb edit, p. 328. Numerous examples are to be found in 
both places. For other examples see Forcrand (Z.c.) and Traube, Berl, Btr,^ 
31 (1898), p. 1562. Forcrand's objections to Van't Hoff s views do not seem 
to me grave ones. 

2 " Gottinger Nachrichten," l906. Also Nernst, " Thermodynamics and 
Chemistry " (Chas. Scribner's Sons, New York, 1907). 

3 All terms applying to solid reactions may be put in square brackets. 
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can be determined solely by experiment. Since, however, direct 
observations are not possible at or near the absolute zero point, the 
deductions for higher temperatures which follow from this idea must 
be tested. Now, no single deduction of this nature can be reached 
without the help of new hypotheses, so that if a deviation occars the 
subsequent hypotheses may be incorrect, and not Nernst^s assumption. 
Conversely, if experiment should seem to confirm the assumption, it 
still remains unproved, for inexactness of the assumption and of the 
auxiliary hypotheses may compensate one another. Since, however, 
Nemst's fundamental hypothesis ^ is a very simple one, it appears 
allowable to accept it as a workiug hypothesis. A more detailed 
discussion will be given in the latter part of this appendix. 
If we apply Helmholtz^s equation to " solid " reactions — 

[A] = [Q] + T^J^J 
and put — 

CQ] = [Q.] + MT + i<r\T .... (1) 


Nernst*8 * Nemst expresses it somewhat differentiy. He puts — 

own way 


of ex- 
pressing 
the hypo- 
thesis. Now, [Q] denotes, according to Nernst, heat put in, while we define it as 

heat given out. Therefore, in our notation — 


Now — 


and therefore — 


-»<V),„ - Kf J)... 


-3^1 = rs] 


(fr 


-K5T^X=, = t««] 


On the other hand, it follows from— 

[Or] = [QJ + [<r']T + [^"]T« 
thai— 

and — 

'•■-(m=.-" 

Therefore — 

and from the later explanations in the text — 

[s„] = = wi 
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we obtain, according to the explanations in Lectures II. and III. — 
[A] = [Qo] - [cr']mT - MP + [const.]T . (2) 

The specific heats are those obtained by heating the solid substances 
without production of work— that is to say, by heating in a vacuum. 
The usual values of specific heats of solids determined at the constant 
pressure of 1 atmosphere are not sensibly different from those in a 
vacuum, and may be taken in their stead. Equation (2), therefore, is 
identical with that which we obtained directly from Helmholtz's 
deductions (p. 50) — 

[A] = [Qo] - [(r']TZ/iT - MT» + (M + 2[(r"] - [S,])T (2«) 

Hence — 

[c/] + 2[(/'] - [Si] = [cDUSt.] .... (3) 

Substituting in (2) — 

[Qo] = [Qt] - [cr']T - [cr"]r 

we get — 

[Ax] = [Qt] - [<^']T(1 + InT) - 2[<r"]T» + [const.]T (2^) 
Now, observing that — 

[At] — [Qt] _ -.rgi 

we obtain — 

[S] = [<r'](l + InT) + 2[(r"]T + [const.] 

Hence, if T = 0— 

[So] = [</](! + i/iO) + 2[<r"]0 + [const.] 

If [So] is to be zero, then in the first place [o^] must also be zero, 
for, since ZnO equals — x , the product [o-'](l + ZwO) would be — x 
for every finite value of [<r']. Further, for [So] = the constant 
must also be zero. 

If we take [o-'] = 0, it is the same as saying that at the absolute 
zero point the hypothesis of Neumann and Kopp holds good, the sum 
of the atomic heats being exactly equal to the molecular heat. 

Then it follows from (3) that — 

= + 2[cr"] - [S,] 

hence — 

[SJ = 2[,r''] (4) 

and from (2a) — 

[At] = [QJ - \.<y1^ (2") 
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and from (1) — 

[Qt] = [Q.] + [<r"jr (IJ) 

According to Nemst these exceedingly simple equations hold good 
for solid reactions, thongh of course he does not disregard the fact that 
higher terms with T* or T* may be of influence. If, for example — 

[Qt] = [Qo] + K]T^ + C<^'"]T» + [cr""]T* 

then — 

[At] = [Qo] - [<^']T2 - 0-5[<t'"]T3 - 0-33[<t""]T* 

Because of our insufficient knowledge of such higher terms as [<t'"]T' 
and [<t""]T^, the question whether [<r'] equals zero is very difficult to 
decide experimentally. 
The Now, the connection with gas reactions appears from the following 

dynami- considerations. Let the vapours be in a state of equilibrium with 
pally the solid substances from which they are derived. Taking as an 
minate' example the reaction — 

co^staots 2H2 + 02$ 2H2O 

of gas ^^ 

fmd of"* let US imagine a reversible isothermal cycle with this system, 

vapori- whereby, during the first step, 2 mols Ha and 1 mol O2 are vaporized ; 

«t^rilan« i^ ^^ second, 2 mols of water-vapour are formed out of these 8 mols ; 

in the third, these 2 mols of vapour are condensed to ice ; finally, the 

2 mols ice are decomposed into solid oxygen and solid hydrogen. 

Then, if we write values which refer to vaporization in round 
brackets, and values which refer to gas reactions without brackets — 

+ 2(Ah,) + (Ao,) + Ax - 2(Ah,o) - [At] = 

and — 

[At] = Ai - Sv'(A) (5) 

If, now, the equation for [At], that is — 

[At] = [Q.] - [<r"]T« (20 

be true, and if the thermodynamically indeterminate constant in this 
equation is 0, as Nemst suggests, we can calculate the value of this 
constant in the equation — 

Ax = Qo - (T'^TZnT - <t"T2 - RTSvVy + const. T (6) 

provided we know the value %v(Ji) completely. 
Let us put, according to p. 77 — 

2(Ah,) = = 2(Qo(H.)) - 2((T'^„,0TZnT - 2((t"<h JT^ 

- 2RT/wj[?^,h,) + 2y(H,)T 
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for the work of vaporization ' of 2 mols solid hydrogen nnder the 
equilibrinm pressure j7„, and similarij for 1 mol Oj — 

(Ao,) = = (Q„,o^) - (a'^o„)T/»T - (aV))T'-RT/ni;^o„ + yc^T 
and for 2 mols HjO — 

2(Ah^) = = 2(Qo(HK.)) - 2(<r'^H^,)Ti«T - 2(<t"<„^,)T» 

- 2RT/wi7^^, + 2y(„^>T 

then we obtain on summation — 

- Sv'(A) = 2(Qo<„„) + (Qo(o„) - 2(Q^„,„,) 

- {(2«rU.)) + («rU))-2(<r'^H*,)}T/nT 

- {(2<t"h,) + (<t"o,) - (2<t"„,o),T» 

+ RTZ/t ^"'T 

+ (^y(H,) + yco.) - 2y(„^))T 

Instead of this, we can put — 

- Sv'(A) = -Si^'CQo) + V(OT//^T + Sv'(<t")T2 + RTSv7/f//„. 

-SvVT (7) 

Now it may readily be seen that — 

-2v'K) = [.r'] - a', (8) 

or since, on Nernst's assumption — 

therefore— Sv'((t',) = <y^Ti (9) 

Further — 

-Sv'(cr") = [(t"] - cr" .... (10) 

If we replace [AJ by its value in (2c) and At by (6), then (5) 
becomes — 

-Sv'(A) = [Qo] - [cr"]T2 - Q, 4- er^T/ziT + a'T^ 

+ RTSv7;i/?'^ - const, x T 

or from (9) and (10)— 

-Sv'(A) = -Si'XQo) + Sv'(OT/^T + Sv'(OT^ 

+ RTSvM/?^ - const. T ... (11) 
and from (7) and (11) 

const. = Svy (12) 

1 The letter y stands for the thermodynamically indeterminate constant of 
the vaporization process. 
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The relation [Qq] — Qo= — Sv'(Qo) has been made use of in 
this derivation. It is readily obtained when the cycle is imagined 
to be carried out at the absolute zero, and the heats given out are 
summed up. This sum must be zero, as in every reversible isothermal 
cycle. 

The thermodynamically indeterminate gas-reaction constant is 
therefore found to be the sum of the vaporization-constants y of the 
gases concerned. 
Our Nernst defines his values somewhat differently. According to 

with that which represents the difference between the specific heat of 1 mol in 
of Nerast. ^\^q ^q\[^ ^^^^ ^^ qo ^^^ ^^^ j-jjg gpeQ[fi(; heat of the same mol in the 

gaseous state at 0° abs. and constant pressure, i,e, — 

\yp) = ^ (wild) — C p(gag) 

does not appear in Nernst's equations. He puts for C%(^«,) the value 
a + R, and for C°«,,^ the symbol a^,, thus — 

"" (O = R + a - tto 
Similarly, according to Nernst's notation — 

Lastly, he uses — Xq instead of our symbol Qq. 

In the course of his work Nernst defines another constant C — 

2-302C = {i + InK) (13) 

Our value y is accordingly given by the expression — 

y = 4-5710 (U) 

(The value 4*571 is employed for RZnlO. Nernst prefers this value 

to the value 4*56 used in this book.) 
^^? The validity of Nernst's deduction depends entirely upon our 

Nernst's decision whether or not we can employ the expression — 

dednctioii. 

= (Qo) - (OT^^T - ((t")T2 - RT//y?^ + yT . (15) 

for the vaporization of a solid. As was shown on p. 76, this 

formula is derived from that of Olapeyron and Olausius, which holds 

in all cases, when — 

{a) the saturated vapour obeys the laws of perfect gases, and 
{V) the volume of a mol in the solid or liquid state is practically 

vanishingly small compared with that of a mol of the saturated 

vapour. 
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Now, it is a well-known fact that both these suppositions are not 
in general fulfilled by saturated vapours. Consequently the author has 
in the Third Lecture used formula (15) with great care. Nernst now 
puts forward the very interesting proposition that formula (15) also 
holds when both suppositions are bub very imperfectly realized. He 
establishes his theory so that he puts forward the empirical relation — 


l'm(t^«-n) = ET(l-^) .... (16) 


for the relation of the molecular volume v^ in the gaseous state and 
v^ in the liquid state to the vapour pressure |>m and the temperature 
T of vaporization. 

fi, denotes the critical pressure. 

On the other hand, he gives the expression — 

(Qt) = {(Qo)-8-5T + (OT»}(i-^^) . . (17) 

for the heat set free during vaporization (negative heat of vapori- 
zation): When both these equations hold, then the expression of 
Clapeyron and Clausius — 

-(Q,) = T(tr,-e;,)^» .... (18) 

becomes converted into formula (15) without the necessity of using 
the law pv = RT. Then by introducing (16) and (17) in equation 
(18) we obtain — 

-(Qo) + 3-5T-(OT2 = |^-X^" . . (19) 
But the integral of (19) is identical with (15) when we admit that — 

K) = -3-5 

We obtain from (16) the general gas equation for perfect gases when 
Prn becomes very small compared with the critical pressure, and v^ 
consequently very small in comparison with the gas volume Va. At 

the critical pressure itself, where e^a = ^ft> then RTf 1— ^j 

becomes zero. As far as the relations at those temperatures where 
/?» is a considerable fraction of p^ are concerned, Nernst shows 
that for benzene fluoride, which Young has studied with special 

accuracy, the deviations of the expression R ( 1 — — ) from the 
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NeraBt's 
assump- 
tion con- 
cerning 
the 

numerical 
values of 
the 

specific 
heats at 
the abso- 
lute zero 
point. 


observed value j? rn amount to only one to two per cent, of 

the whole, the temperatures being 0*66 to 0'84 times the critical 
temperature (559*6° abs.). For higher temperatures the agreement 
is much worse, for lower temperatures even better. Nernst tests 
equation (17) on ammonia (critical temperature 404° absolute), and 
finds at 313° absolute, *>. at 0-77Tt, a deviation of 2*7 per cent., 
which becomes greater at higher temperatures and vanishes at 
decreasing temperatures. 

No more examples are given. In both cases which have been 
considered, the vapour pressures which correspond to the temperatures 
of -84X4 for benzene fluoride and 0'77Tfc for ammonia are 13 and 15^ 
atmos. respectively. Above 20 atmos. the formulae are thus in both 
cases insufficient. But if it should be found that saturated vapours of 
all substances up to 20 atmos. obey with equally good approximation 
(16) and (17), whose introduction into (18) gives formula (15), then 
an important advance has been made. According to the inter- 
pretation of the author, this is a cardinal point of Nernst's theory. 

Equation (17) contains the idea that the value (<t'^) is — 3*5 for 
all substances. This means that the specific heats of all gases at 
absolute zero exceed those of their condensation products by 3*5, 
whilst, as is well known, the specific heat of saturated vapours is 
usually less than that of their condensation products. Nernst 
characterizes this as a preliminary assumption, the proof of which 
is wanting. It seems that up to now only Dewar * has determined 
the specific heat of gases in the solid state at very low temperatures. 
He found the specific heats of — 


at 
to be 


CO. 


-130* 


9-68 


Na 


-145* 


8-5 


SO2 
- 143° 0. 


14-7 


The specific heats of these substances in the gaseous state at the 
same temperature are probably smaller. 

The value (<r") which occurs in equation (17) is deduced by Nernst 
in the following manner. Let T in (17) be a temperature for which 

f^ is only a small fraction of ji?*, then the terms 3-5T^ and 

(<r")T2^ are so small that they may be neglected, and (17) can be 

written — 

» C/AcwicaZ ^eM;s, 92 (1905). 
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(Qt) = (Qo) - 3-5T + (OT^ - (Qo)^ 
On diflFerentiating with respect to T, we obtain — 

Now, the last term on the right-hand side is small, and in order to 
obtain an approximation, we may replace ^, which is equal to 

my" > according to (18), by "^^^^ ; or, using the gas equation 

for Va — 

RT 


V = 


dpm _ (QrVm 

whence it follows that — 

^=-3-5 + 2K)T + ^\^^^^-X^ . (20) 

If (Qt) and -^p are known for any temperature T, as well as;?^ 

and the critical pressure /?», the values of (<r") and (Qo) can be obtained 
with the aid of both equations (17) and (20). When (Qo) and (o-") 
have been found in this manner, y can be easily calculated from 
formula (15). The reliability of this y value, to be sure, depends 
entirely upon whether the value — 3*5 for (o-^) can be accepted 
as correct. 

Nemst still further extends the hypothesis based on this assump- 
tion regarding relationship at the absolute zero. He concludes, with 
the help of the kinetic theory of gases, that the monatomic gases show 
at all temperatures the same ratio of the specific heats at constant 
pressure and constant volume, namely 1*66. Therefore the value of 
their molecular heats at constant pressure and absolute zero is the 
same as at all other temperatures, namely 5*0. Now, since he puts 
((/p) = — 3'5, the molecular heat of a monatomic substance in the 


auiiu Dbttbc ub ai 

C (8oUd) "" C p(gag) = (o-p) = —3*5 

and — 



C°,= 5 

therefore — 



C°(«,M, = 5 - 3-5 = 1-5 
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But if all monatomic substances at 0° (abs.) have the specific heat 
1*5, it then follows from the previous supposition, according to which 
Kopp's law holds for all solid substances at T = 0, that the molecular 
heat of an n-atomic solid substance (T = 0) is ' — 

n X 1*5 

and it follows that the molecular heat of an 7i-atomic gas at the 
absolute zero and under constant pressure is — 

3-5 + n X 1-5 

Accordingly, for example, the specific heat of a diatomic gas such as 
O2 and H2 at constant pressure and T = would be — 

3-5 + 2x1-5 = 6-5 

and for a triatomic gas, e,g, water-vapour — 

3-5 + 3 X 1-5 = 8-0 

The results of this conception are very wide-reaching. If the true 
specific heat of a gas at any temperature and constant pressure has 
been measured, we can deduce the mean specific heat of the gas 
between 0° abs. and any temperature which we please with the aid of 
the value — 

C°p = 3-5 + n X 1-5 

assuming that the mean specific heat is a linear function of the 
temperature — 

(3-5 + n X 1-5) + VI 

Hereby, however, one meets deviations from experiment either due 
to the fact that the expression — 

C°p = 3.5 + w X 1-5 

is not exact, or to the fact that the specific heat is not a linear 
function of the temperature. On the other hand, we can obtain 
values ^(<t") from equations (20) and (17), and, knowing the specific 
heats of the saturated vapours, we can deduce the specific heats of 
the condensation products. For the same reasons we should also 
expect to find deviations in this case, the extent of which could 
only be determined after more accurate investigation. 

Now, the points of view which have been developed are not 

^ For views and experimental facts concerning the specific heats of solids 
at very low temperature, see Van't Hoff, Ywleiungtn uber theoretische und 
physikalische Chemie, 1899, vol. iii. § 4, 8 ; and Forch and Nordmeyer, Drude's 
Ann,y 20 (1906), 426. 
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safficient, even presupposing their correctness, for the calculation of 
y in the cases which are of most importance. It is precisely those 
gases which chiefly take part in actual gas reactions, the so-called 
permanent gases, whose critical points lie so low that up to the present 

sufficient experimental information regarding (Qx), \m > and ^^ 

has not been gathered for us to calculate (Qo) and (a''), and these 
are esscDtial, according to formulas (17) and (20), to determine y in 
formula (15). The whole deduction can only be serviceable for 
the numerical evaluation of the thermodynamically indeterminate 
constants when a further relation is found, which will render y acces- 
sible in this case also. The method which Nernst adopts for this 
purpose is a very interesting one. It is generally acknowledged that 
the vapour pressure 'g^ at a temperature T could be calculated from 
the critical data T^^ and fj, in an identical way for all substances 
provided we possessed a sufficiently exact characteristic equation of 
the state of universal applicability. The characteristic equation of 
Van der Waals — 


(i' + ,^)(«' - *) = KT 


is not sufficiently exact, and a non-arbitrary deduction from a 
theoretical consideration of a more exact expression is not possible. 
Under these circumstances we must have recourse to empirical 
approximations. 

We shall, however, simply suppose that an exact formula does 
exist, which would take theoretically the form — 




Here 'pj, denotes the critical pressure, and Tj^ the critical temperature, 
/ a function whose exact nature is unknown, as explained above. 

If/f ^) were known, we could express |?^ in terms of/(7p ) and 

JO*. But now, with the aid of (15), we can, according to Nernst, 
calculate p,„, at least for values of T which do not lie too near 
the critical temperature. This means that the equations (21) and 
(15) would give the same values of J3^. Consequently the values 
(Qo), (or'^), (a"), and y, which determine the value of 'p^ in 

(15), would be connected with|?* and/( =^ j in such a way that they 

could be expressed by them. For this fictitious case y could also be 
calculated from the critical constants. 
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The Now, Van der Waals has incidentally proposed — 

empirical 

approxi- «. /T* \ 

mation of log -- = «( tf - 1 ) (22) 

Van der i^»» ■*■ ^ 


Waalfl. 


as an empirical approximation, a denotes a constant. If we assume 
this approximation as saiBciently exact, then y can be calculated 
from tty Tj, and ^* according to (22) and (15). This is Nernst's 
interpretation. He puts — 

11« = = j;|^^ 

or (rounding off slightly) — 

y = 5« 

This simple numerical relation between a and y is, however, not 
directly capable of proof, because the formulae (15) and (22) cannot be 
brought into entire agreement. This is readily seen on transforming 
(22) into— 

T 

/w^m = --2-302«-7£r + 2-302(a + logj?*) 

or written otherwise into — 

= -4-571 X a X T;fc - RT/nj?^ + 4-571(« + log j7t)T 

If we now compare this with (15) we come to the conclusion that, 
were ((/p) and (<t") zero, t.e. if the vaporization heat were independent 
of the temperature, (Qo) would have the value — 4*571 x«xT*, 
and y the value 4*57 1(« + log j^^). Then the two expressions would 
be the same. But experimentally the values (er'p) and (or") are not 
zero, and any comparison at all of (15) and (22) is difficult, since (15) 
agrees better with experiment the further we are below the critical 
temperature, while (22) is most accurate in the immediate neighbour- 
hood of the critical temperature. 

The relation of (15) to (22) becomes still clearer after another 
algebraic transformation. If we refer (15) to the critical point, 
thus — 

= (Qo) - ((T'„)T*?/iT, - ((t")T,2 - RT,7n/?, + yT, (15^^) 

and subtract (15) from (15a), after dividing these expressions by 
RT and RT* respectively, it follows that — 

'*^^»„- 4-57 ITAT V E ^°^ T E v^ lj 


P 
If we put — 


(Q,) = -4-571aT, 
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then the expression becomes — 

But this is identical with (22) only when (er'^) and (or") are zero. 
Still, an approximate agreement is at least conceivable when 

the terms '^-^ log m* and ^~^~*( ^ "" rir) have nearly the same 

value, but opposite signs. It is then to be observed that (or'^) and 
(<t") either cannot in the least depend on the nature of the sub- 
stance, or if they do so, they must be functions of T*, 'p„^ and a 
which have the same form for all substances. Nernst now puts 
(<Tp) = —3*5 tentatively for all substances, as has been formeriy 
mentioned, and also — 

E 2-36 
and finds from the resulting formula — 

l^^S = <Y - i) + 1-7^ log \ - ¥zk - ^0 • (^«) 

approximately the same values for log -* as from (22) when a in (23) 

is chosen only slightly diflferent from a in (22). 

Now, the values of a in general are somewhat uncertain. Accord- 
ing to Van der Waals, who brings forward much direct and indirect 
evidence in favour of his view, a should have the same value, 
namely 3, for all substances. Eamsay'^ and Guye and Mallet ** 
share in this view when polymerization does not interfere. 

Nerhst represents the results of observation graphically, log - * 

If in 

being taken as ordinate, and f m^— ij as abscissa. But he does 

not obtain by any means the same line for all substances. He finds, 
on the contrary, that a is larger for higher molecular weight or for 
a greater number of atoms in the molecule than for smaller molecular 
weight or a smaller number of atoms in the molecule. The values of 
a vary from about 2 to 4, and therefore lie around 3, the value which 
Van der Waals thinks ought to apply. But it is further to be observed 
that the lines for one and the same substance are not straight, 
but are a little curved, so that formula (22) is by no means an exact 

^ Zeitschri/t f, physic, chem,, 15 (1894), 106. 

2 Archive des sciences physiques et naturelleSj Qeneve, (IV.) 13 (1902), 66. 
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expression of the facts/ Under these circumstances Nernst makes 
use of the following expedient. He calculates a from (22) for tem- 
peratures between 0-8Tjt and 0*7 iT*, where this formula agrees com- 
paratively well with experiment. On the other hand, he calculates y 
(that is to say, his constant C, which corresponds to our y) from 
(15) in the way previously described, and obtains in this manner 
the relation y = 5a, which he accepts as valid in all cases. The 
exact details of this calculation have not yet been communicated. 
The following table for various values of C contains the results. 
The author has placed the values of y beside corresponding values 
of C. 


Numerical 
values of 
the 

thermo- 
dynamical 
indeter- 
minate 
constants 
of vapori- 
zation 
processes. 


H. 
CH, 

?2 
CO 

ci; 
I2 

HCl 
NO 
NgO 
H„S 
SO, 


c 

y 

2-2 

10-0 

2-5 

11-4 

2-6 

11-9 

2-8 

12-8 

3-6 

16-5 

3-0 

13-7 

40 

18-3 

30 

13-7 

about 3-7 

16-9 

3-3 

15-1 

3-0 

13-7 

3-3 

151 


C02 
CS2 
NH3 

HjjO 

CCL 

CHCJ3 

CeHg 

C^H^OH 

CgHgOCgHg 

CHsCOCH, 

CHgCOOCjH^ 


14-6 
142 
15-1 
16-9 
14-2 
146 
14-2 
18-7 
15-1 
16-9 
17-4 


Compari- 
son of 
Nemst's 
views with 
those ext 
plained in 
the former 
lectures. 


If we now consider the relation of Nernst's interpretation to that 
in the Second Lecture, the following may be noted : — 
The hypothesis (for solid reactions) that 

[S J = 

is of prime importance. If in a system of rectangular co-ordinates we 
plot T as abscissas and [A] and [Q] as ordinates, we obtain two lines, 
according to Nernst's equations (2c) and (1^), which converge at the 
value [Ao] = [Qo], without intersecting. It is important to observe 
that the directions of both curves become more nearly parallel to the 
axis of abscissae the nearer we approach the absolute zero. However, 
if we take for [A] equation (2), and for [Q] equation (1), where [o-'] is 
not zero, we then obtain two lines, which at higher temperatures run 
similarly to those in the case above, and also meet one another at 
the absolute zero. But they show a difference in the neighbourhood 

* Happel {Drude's Ann. d, Physih, 13 (1904), 340) finds, too, that a is 
dependent upon the temperature. H. v. JUptner {Zeitschr, /, physik, Chemie, 
55 (1906)) comes to the same conclusion. 
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of the absolute zero. The curve for [A] intersects the curve for 
Q] very near the absolute zero, then bends and meets the curve for 
Q] at the absolute zero itself. In the former case the angle of 

inclination of the two curves at the meeting-point, T = 0, is zero ; 

in the latter case it is about 90°. That is to say — 


Km„=M 


and 

lim(^^) = const. - [(t'](//iO + 1) = - oc 

Nemst's further supposition regarding the specific heat of gases 
renders it necessary that the difference of the specific heats at the 
absolute zero (o^p or a',) be zero in all those gas reactions where the 
number of substances which are formed is equal to the number of 
those which disappear. Now, since the size of the degree interval 
of the thermometer scale has no effect upon the thermodynamically 
indeterminate constants of gas reactions except in those reactions where 
<j\ does not differ from zero, we can no longer retain the deduction 
developed on p. 45 if we accept Nemst's hypothesis. The idea of 
the influence of the degree interval is based on the evidence produced 
by Th. W. Kichards and Van't Hoff that the thermodynamically 
indeterminate constant becomes zero when the appearing and dis- 
appearing substances possess the same specific heat. This proof does 
not appear to be conclusive in the light of Nernst's interpretation. 

If we return to the usual approximation (p. 66) formerly 
made in theoretical physics, according to which the assumption of 
Buff and Olausius holds, and the heat of gas reactions at constant 
volume is independent of the temperature, then the reaction energy 

of gas reactions may be written (see p. 69) — 

A = Qo + RTSvVnT - RTSv7ny + const. T 

When the number of disappearing mols exceeds the number of 
those formed by 1, then — 

A = Qo - RT/nT - BTSv7wy + const. T . (24) 

Nemst's expression, on the contrary, is as follows : — 

A = Qo - 3-5T/nT - <r"T^ - BTSv7ny - Sv'yT 

Now, since </' is small, but generally not sufficiently well known, 
Nernst recommends the following approximation : — 

A = Qo - 3-5T//IT - RTSv7ny - Sv'yT 
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This means that the constant of the formula (24) is approximately — 

const. = -Svy - Vhlnll 

The calculations of former physicists can in this way be conveniently 
compared with those of Nernst. The theoretical basis, however, is 
quite different, because Nemst's approximation does not agree with 
the assumption of Buff and Clausius. 

The cardinal point of Nernst's theory lies in the hypothesis that 
the vapour-pressure curve can be represented by — 

= (Qo) - (<T'^)TZriT - (OT^ - RTM;?^ + yT . (15) 

although the saturated vapours do not obey the gas law, which is 
all that has been used till now in deriving this formula from 
the strictly valid formula of Clapeyron and Clausius. The vapori- 
zation constant y, and further the thermodynamically indeterminate 
constant for gas reactions, can only be deduced with the help of this 
hypothesis from the vaporization constants of each of the participating 
gases. The starting-point of this is the empirical formula — 

/?4«'a-vO = RT(l-^) .... (16) 

On differentiating formula (15), we obtain — 

T ^ ^ _ ^(Qa) _ W _ K)T ,... 

i»„ '^ <rr ~ ET R R • • ^^^'^' 

Bat according to Glausins and Clapeyron (see (18), p. 89) — 

-(Qt) ^ T ^^ dy^ 

From this it follows, if (15) and consequently (15a) are correct — 

(Qt) _ Qo I ('t'.) I (QT 

(«'a -«-.)?«. ~ RT "^ R "^ R 
On applying formula (16), it follows that — 

(QT) = {(Q,) + (<T',)T + (a")T*(l-^) . (25) 

If these empirical expressions (16) and (25) are further confirmed by 
experiment, an important perfection of our knowledge regarding 
the vapour-pressure curve has been attained. 

The vaporization constant y takes us back finally to the statements 
of Trouton and Forcrand. 

Nernst puts forward the same formula which is given as 
formula (30a) on p. 77 of this book. But he does not assume 
that the terms containing (<rp) and (a") compensate one another, 
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giving zero ; according to him, the constant of this expression, there- 
fore, does not become about 30. He pats — 3*5 for (a',), according 
to his former hypothesis. Further, he puts for (<t") a number 
obtained from the observations of the specific heats of gases, and for 
the constant he puts his y value according to the table given above, 
based on his hypothesis regarding the values at the absolute zero. 
In this way he actually obtains, for example, for the ammonia com- 
pounds of the metallic salts the observed value of 33 for ^. He then 

290 
puts generally, neglecting terms with <r" and the factor — a'prn - 

where T,^-i signifies the temperature at which the vapour pressure 
is equal to 1 atmosphere — 

as an approximation formula. Since the values of y, according 
to the table, lie in the neighbourhood of 13*7, it follows that 

- %^ equals- 

29-7 for T = 100 
33-6 „ = 300 
35-3 „ = 500 
37-7 „ = 1000 

According to Le Chatelier and Forcrand, as has been pointed out 
earlier in this work, the values found are about 32, with variations 
of ±7. 

Thus the quotient — n/^^^ does not appear to be constant, 

but has different values according to the temperatures for which 
^„ = 1, and also according to the y value of the substance. The 
same applies to those analogous quotients from the heats of vaporiza- 
tion and absolute boiling-points at atmospheric pressure, the constancy 
of which has been maintained by Desprez, Pictet, and Trouton. 

The application of Nemst's hypothesis to the gas reactions leads 
finally to the following numerical expressions, which satisfy the 
measurements carried out on the gas equilibria concerned : — 

{a) Ha-f-iOa^HgO-f-A 

A = 67,300 - l-75TinT - 0-0003Ta - RT/n— %V 

+ 0-46T 
Q = 57,300 4- 1-75T -t- 0-0003T^ 
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(b) CO + iOa^COa + A 

A = 67,G50 - 175TZ/IT + O'OOIST^ - RT/n ^"Z' i 

- 8-2T 
Q = 07,650 + 1-75T - O'OOIST^ 

(c) iN, + iO,^NO + A 

A = 21,600 - 0-0002T2 - BT/n ^ ^^^ . + 4-6T 
Q = 21,600 + 0-0002r 

{d) iHa + iClj^HCl + A 

A = 22,000 -ETZfi-r^^4- + 1*^T 
Q = 22,000 

It id here assamed that the heat of formation of hydrochloric acid 
gas does not sensibly alter with the temperature. This assumption 
is certainly not in harmony with the observations on the specific 
heats of the gases. Nernst, however, assumes that the value for the 
specific heat of chlorine is influenced by deviations of this gas from 
the gas laws. The thermodynamically indeterminate constants of 
these equations follow for those four cases from the former table as 
follows ^ : — 

(«) yn^o - y^, " hot = 16-9 - 10 - 6-4 = 0-5 

W rco.-yco-iro.= 14-6 -16-5 -6-4= -8-3 

(0 rNj - ho2 - irN, = about lG-9 - 6*4 - 5*95 = about 4*55 

id) ynci - irci, - hn. = 13*7 - 6*85 - 5 = 1-85 

The values of the thermodynamically indeterminate constant 
satisfy in all four cases the measurements which have been carried out 
on the gas equilibria concerned with perfect exactness. Since the y 
values have been obtained from the values of a in an approximate 
manner (by multiplication with 5), and the values of a themselves are, 
as Nernst emphasizes, uncertain to some extent, considerably different 
values of the thermodynamically indeterminate constant would not 
necessarily contradict Nemst's calculations. 

As a final example Nernst gives — 

W iNa + fHa^NHa + A 
A = 12,000 - 3-5T;/iT - RT/n /^°' - 11-9 
Q = 12,000 + 3-5T 

^ Small differences in the foFegoing and following values arise only from 
rounding off in the calculations of y from C, as given in the above table. 
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This expression only claims approximate validity on account of the 
omission of <t". It gives for the dissociation of ammonia at 893° abs. 
the value which has been experimentally found at 1293° abs. It 
would be very interesting to determine whether the thermodynamical 
indeterminate constants, which in this way result from the y values, 
satisfy the observations on other gas reactions. 

It is certain that Nemst's system is the most interesting and 
comprehensive in this field. 


FOUETH LECTUEE 

EXAMPLES OF REACTIONS WHICH PBOCEED WITHOUT A CHANGE 

IN THE NUMBER OF MOLECULES 

General "W"e will now undertake to apply the relationships we have just 
tion. deduced to a few examples. We must, however, preface our 

remarks by an observation of a general nature. 

All the reactions to be considered are reversible. We may 

therefore write them as though proceeding in both directions. 

As, for instance — 

Ha + CI2 = 2HC1 (1) 

or 2HC1 = Ha + CI2 (2) 

Whether we get a positive or negative value for the heat 
of reaction depends on which direction we choose. Our 
definition of the equilibrium constant also depends upon this 
same choice. We can, for instance, in the case just cited, 
consider either — 


as the equilibrium constant. The former corresponds to 
equation (1), the latter to equation (2). Our choice here is 
entirely free, and we find no fixed usage in the literature. I 
shall therefore choose, once for all, the formation reaction as a 
starting-point — that is, in the case just considered, the reaction 
represented by equation (1). 

On this scheme the compounds always appear in the numerator 
of the equilibrium constant, and the components in the denomi- 
nator. The heats of reaction are thus always heats of formation, 
and not heats of decomposition. A further simple consequence 
of this is that large values of the equilibrium constant always 
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indicate very complete combination^ small values far-reaching 
decomposition. 

We have a further choice in the number of molecules we 
take. Thus, the equation for the formation of hydrochloric acid 
may be written either as — 

Ha + CI3 = 2HC1 
or iH2 + iCl2 = HCl 

In the former case the heat of formation is that of two mols 
of hydrochloric acid, in the latter of but a single one. The 
equilibrium constant in the first case would be — 

Cna X Ocij 
in the latter — 

Chci 
Ota X Cjji, 

Both are equally admissible.^ I prefer the second, because 
the equilibrium constants thereby acquire convenient values. 
I believe that this advantage should not be underestimated. 
In many instances, such as in the formation of sulphur trioxide, 
one can see at a glance many useful relationships, provided 
the equilibrium constants have low and convenient values.^ 

Since we are only considering cases where the reaction 
proceeds without a change in the number of molecules, it is 
immaterial whether we use concentrations, per cents, by volume, 
or partial pressures in our calculations. Further, it is more 
probable here than elsewhere that the thermodynamically 
indeterminate constant which we discussed in our Second and 
Third Lectures would be zero. 

The differences of the specific heats of the appearing and 
disappearing gases are here the same at constant volume as at 

^ In the first instance the equilibrium constant is simply the quotient of 
the velocity constants of the formation and decomposition reactions ; in the 
second, it is the square root of this quotient The pedagogic advantage secured 
in the first instance for the comparative treatment of velocity and equilibrium 
constants does not seem to me very important. As far as the computation is 
concerned, the roots can be very conveniently handled by means of the tables 
given in the five-place logarithm tables of F. Gauss (Halle, 1905). 

^ In this connection see the statements in Lunge,'* Sodaindustrie," 3rd edit., 
vol. i. p. 950, \?here the equilibrimn constants for the sulphur trioxide process 
at 515° and 465° are given in numbers which lie between 10 and 100 millions. 
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Clasaifl- 
cation of 
the cases 
concerned. 


constant pressure. The quantities (Tp and <t\ are therefore 
identical, and the indices may be omitted. 

We will consider three cases under this head — 

(1) The formation of nitric oxide from the elements. 

(2) The formation of hydrochloric, hydrobromic, and 

hydriodic acid gas from the elements. 

(3) The water-gas reaction. 

The first and especially the third cases are of marked 
technical interest. We must, however, postpone any considera- 
► tion of them from this point of view until the final lecture. 

As far as specific heats are concerned, we may divide the 
gases taking part in these reactions into two classes. Oxygen, 
nitrogen, and nitric oxide have nearly identical specific heats at 
ordinary temperatures, and they all increase but slowly with 
rising temperature. The triatomic gases, carbon dioxide, and 
water-vapour, on the other hand, have specific heats differing 
considerably from each other, and even more from that of the 
diatomic gases. Not only is this true at ordinary temperatures, 
but their specific heats increase much more rapidly with the 
temperature than do the specific heats of the above diatomic 
gases. The hydrogen halides are very like the other diatomic 
gases in this respect, though the halogens themselves belong 
rather to the class of carbon dioxide and steam. 
Case I. Nernst^ has determined accurately for two temperatures, 

oi™0, ^^° fl-^d approximately for two others, the equilibrium conditions 
governing the combustion of air to nitric oxide. He gives the 
following composition of the gaseous mixtures at the four 
temperatures : — 


[1811 

2033 

2195 

[3200 


%N, 

%0a 

%N0 

Pm 
^N*,^'^o. 

78-92 
78-78 
78-61 
76-6 

20-72 
20-58 
20-42 
18-4 

0-37] 
0-64 
0-97 
5-0] 

0-0091 
0-0159 
0-0242 
0-1331 


logw 


1>N0 


4.x ^ 


-2-039 
- 1-799 
-1-616 
-0-876 


R/n 


Pno 


H,x^S« 


-9-296 

- 8-203 

- 7-369 
-3-995 


The ratio, , ^^ — ^-, representing the equilibrium constant 
1 "Gottinger Nachrichten " (1904), p. 261. 
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K, the Briggsian logarithm of this quantity^ and finally the 

product EZti-i- ^^ . , which recurs so often in these com- 

Pk ^ Pk 
putations, are added to the above table. The more approximate 

values are bracketed.^ 

"We may make the assumption that the specific heats of 

Na^ O2, and NO are the same, for it is a general rule that the 

specific heats of the permanent diatomic gases are nearly 

identical. The heat of reaction at all temperatures would then 

be the same as Berthelot found at ordinary temperatures, viz. — 

N + = NO - 21,600 cal. 

Thomson's value for this is 21,500 cal. Our next assumption, 
then, is that our equation (Second Lecture, p. 46) takes the 
simplest form — 


A = Q - ETZ?i 


p^o 


(3) 


where A becomes equal to zero at equilibrium. To test this, 
we will place the value of ^ beside those of Bfa . ^^^ . . 


1 

T 


Q 

T 


3 


4, X P\h 


[1811 
2033 
2195 

[3200 


11-877 

10-625 

9-841 

6-750 


-9-296 

- 8-203 

- 7-369 
-3-995 


Difference between 
3 and 2. 


+ 2-581] 
+2-422 
+2-472 
+2-755] 


* Recently this table has been completed by Nemst and his co-workers 
Jellinek and Finckh (Zeitachr./. anorg. Chem., 45 (1905), 116; 49 (1906), 
212 ; 49 (1906), 229). The additional values are— 


T 

%N, 

%o. 

%N0 

1877 
2023 
2580 
2675 

78-89 

78-08 
77-98 

20-69 

19-88 
19-78 

0-42 

0-52 to 0-80 

2-05 

2-23 


Compare also Hausser^s experiments on the same subject, " Verhand 1. d. 
Vereins zur Beford. des Gewerbefleisses in Preussen " (1906), 37. 
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We see that there is no agreement. We must add a 
number +2'45T to equation (3) to satisfy Nemst's measure- 
ments. 

To see whether, after all, we must not assume a difference of 
specific heats, let us calculate by means of formula (25) (p. 64) 
the heat of reaction between 2033 and 2195° (absolute), from 
the observed values of the equilibrium constant. We get — 

Q(2iu«>) = - 23,000 cal. 

This differs but slightly from the value of the heat of reaction 
observed at ordinary temperatures.^ Still, it indicates that the 
heat of reaction tends toward a greater negative value with 
rising temperature. In accordance with Kirchhoff's law, such 
an increase must take place if the specific heat of NO is greater 
than that of a mixture of its components. If we assume that 
this difference is independent of the temperature and approxi- 
mately equal to — 0*31, then the thermodynamically indeter- 
minate constant, which we have just estimated as equal to 
— 2*45, becomes zero. We then find for the heat of reaction at 

absolute zero — 

Qo = - 21,500 cal. 

From this we compute the following table : — 


1 

2 


Qo 

T 

T 

1811 

-11-828 

2033 

- 10-681 

2196 

- 9-800 

3200 

- 6-722 


B/n 


3 


4.x 4. 


9-296 
8-203 
7-369 
3-995 


4 

5 

6 
Sums of 3 

/»T 

aVwT 

and 6. 

7-493 

-2-323 

-11-619 

7-609 

-2-359 

- 10-662 

7-853 

-2-434 

- 9-803 

8-062 

-2-499 

- 6-494 


Difference 
of 2 and 6. 


0-209 
0-020 
0-003 
0-228 


1 The reliability of the value for Qj2iu°) <l®P6i^^> ^o* only on the accuracy 
of the equilibrium constant, but also very markedly on that of the temperature 
measurements. The temperature was determined photometrically, as will be 
explained in the last lecture. The assumption therein made that the total 
brightness increases as the 13th or 14th power of the temperature is of such 
an approximate nature that our temperature measurements can easily be 
wrong by several degrees. An error of a degree at this high temperature 
changes Q„ by more than a hundred calories. 
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From this table we see that the assumption of a difference 
in specific heats of — 

i^^Na + i^Oa + 0-31 = C^o' 01 <T = -O'Sl 

brings the expression — 

into agreement with Nemst's observations. 

This surmise that <r' is negative, to which the values of the 
heat reaction give rise, is further confirmed by the observations 
of Eegnault, who determined the specific heat of all three gases 
at room temperature. He found a difference of the same sign 
and of corresponding magnitude. We take the data in regard 
to this from Berthelot's compilation.^ 

¥i<02) = 3-48 

Jcp(N2) = 3j42 Cp(N0) = 6-96 

6-90 

The difference amounts to — 0*06 cal., instead of the — 0*31 
cals. assumed. The present state of our experimental know- 
ledge of the specific heats of gases does not permit us to say 
more. We are especially in ignorance as to how the difference 
changes with the temperature. It therefore seems best to 
retain for practical use later the expression ^ — 

A = Q - ETln , ^^^ . + 2-45T 

pU ^ Pk 

Proceeding now to the second case, let us first consider the Case lla. 
reaction — Hydro- 

CI2 + Hq = 2HC1 acid for- 

1 Berthelot, " Thermochimie, Lois et Donne&," 2 vols. (Paris, 1897). This 
work, together with Oswald's " Thermochemie " (" Lehrbnch der Allg. Chem.," 
vol. ii. part !., 1893) contains the chief compilation of thermochemical data. 
A table of the specific heats of gases is given in Berthelot, Z.c, vol. i. p. 57. In 
the Sixth Lecture, the specific heat measurements of Regnault are given in 
tabular form. The comparison, which is given above in the text, has already 
been made by Regnault himself (Mem, Inst, de France, 26 (1862), 303, 311, 
322). 

2 Nernst also {I.e.) takes Q as independent of the temperature. In his 
paper, however, on calculation of chemical equilibria from thermochemical 
measurements (see p. 100), he assumes a small difference a-", while a-' is taken 
as zero. 
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Dolezalek ^ has determined the definitive data of this re- 
action at 30° by measuring the electromotive force of a chlorine 
electrode in hydrochloric acid solution of known partial pressure, 
against a hydrogen electrode in the same solution. The action 
of the cell involves the disappearance of hydrogen and chlorine, 
and the formation of hydrochloric acid. It makes no difference 
whether we consider the hydrochloric acid formed to be a gas 
or to be in solution, so long as gas and solution are assumed 
to be in equilibrium. The gas pressures of the chlorine and 
hydrogen were not accurately determined in Dolazalek's experi- 
ments. Still we shall not be far wrong if we assume that they 
were both equal to atmospheric pressure minus the partial 
pressures of the water and of the hydrochloric acid, for both 
gases were passed in at atmospheric pressure. Now, the vapour 
pressure of pure water at 30° is equal to 31*5 mm. Hg, or 
0414 atmosphere. It is, of course, less over the hydrochloric 
acid solutions ; but since a small deviation of O'Ol atmosphere 
is of no numerical importance in the following calculation, we 
shall call it 02 atmosphere over all the solutions. We obtain 
the partial pressure of the chlorine and the equal partial pressure 
of the hydrogen by subtracting Dolezalek's observed partial 
pressures of hydrochloric acid from 0*98 atmosphere. This 
gives us all the necessary data for evaluating the expression — 

JPhc i 

We combine in the following table the normality of the 
hydrochloric acid, its partial pressure, the value of the ex- 
pression — 

pna 

just discussed, and finally the value of — 


ET/ti 


JPhci 


A^ X pt^ 

expressed in calories for T = 303*" absolute, based on the results 
of Dolezalek, We also add the electromotive force of the cell 
as foimd by Dolezalek, and the reaction energies (free energies) 
computed from it by multiplication with 23,110 (the number 

1 Z,f. Phys. Chem., 26 (1898), p. 334. 
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23,110 is the product of the number of coulombs, 96,540, which, 
according to Faraday's law, must pass through the cell in the 
formation of a mol of hydrochloric acid, into the factor which 
converts the product of volts and coulombs, that is joules, into 
gram calories. This factor is 0'2394).^ 


Normality 
of the 
HCl. 


4-98 
6-43 
11-20 
11-62 
12-14 
12-26 


2 

8 

l^HCl 

Phci 

atmos. 

• 

0-316 . 10-3 

0-31 . 10-3 

0-908 . 10-3 

0-89 . 10-3 

0-175 

0-217 

0-249 

0-341 

0-412 

0-725 

0-443 

0-825 


RT/n 


Phci 


pWAz 


4849 
4215 
912 
647 
192 
116 


6 

£ 

in 
volts. 


1-190 
1-147 
1-005 
0-999 
0-981 
0-974 


A=E* 28,110 
cal. 


27,501 
26,507 
23,226 
23,087 
22,671 
22,509 


A+RT/tt 


Pho 


'^la-H. 


22,652 
22,292 
22,314 
22,440 
22,479 
22,393 


Because of an incompleteness in the electrical measurements 
of Dolezalek, the values given in the sixth column, separately 
considered, appear uncertain by some 118 cals. As a first trial 
let us form the expression — 

J^HCl 


and so compai^e the calorimetrically determined values with the 
sums of — 

A + Em , ^^^ , 

i?ii2 X i>h2 

The sums are given in the last column of the above table. 
Their mean is 22,428 cals, while Berthelot and Thomsen both 
found 22,000 cals. There is thus a slight discrepancy between 
the two. Whether we should attach any importance to it is 
very questionable. It would require, at the low temperature of 
303° abs., that we assume a constant of 1*34 if we would express 
the observations by the formula — 


A = 22,000 - ET/71 . ^"^ . + 1-34T . 

jPCl2 X J'tj 


(4) 


without reference to the specific heats. The observations of 
Dolezalek would be satisfied by this formula. 

1 The last decimal place is uncertain. The physikalisch-technische Reichs- 
austalt recently puts it at 0-239. 
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DisBooia- 
tion of 
liydro- 
chloric 
acid at 
higher 
tempera- 
tures. 


Measurements of the equilibrium at higher temperatures 
which we could use are wanting. Mallard ^ and Le Chatelier, 
to be sure, exploded numerous mixtures of hydrogen and chlorine 
in closed vessels, and based certain conclusions on the pressures 
there developed. These observations, however, afford us no 
certain knowledge of the dissociation. Henry St. Claire-Deville 
was able, by means of a most ingenious experimental contrivance, 
the so-called " cold-hot " tube, to show qualitatively a trace of 
dissociation at 1300°. This apparatus* consisted of a heated 
porcelain tube with a brass tube passing through its centre. 
Water flows through the brass tube. The gases are sent through 
the annular space between the two tubes. Deville, by this simple 
arrangement, could prove qualitatively the dissociation, not only 
of carbonic acid and ammonia, but also of hydrochloric acid, 
carbon monoxide,^ and sulphurous acid, the temperatures being 
hardly above 1300° C. Victor Meyer and Langer* showed the 
same thing qualitatively at 1700° by measuring the density of 
HCl in a platinum vessel. Platinum is very porous to hydrogen 
at these high temperatures, and consequently the gas leaked 
through the walls of the vessel, leaving chlorine behind, partly 
as such, and partly as chloride. How far the dissociation went 
cannot be determined from these experiments. Our formula 
gives a very slight dissociation at 2000° abs. or 1727° C, that is, 
at very nearly the same temperature as used by Victor Meyer 
and Langer. If we put A = zero for the condition of equilibrium, 
and T = 2000, we get— 


E/ti 


j^HCl _ 


A. X A 


22,000 
2000 


+ 1-34 = 12-34 


Hence for every 100 volumes of unchanged hydrochloric acid 
there is 0*2 volume of chlorine and an equal amount of hydrogen. 
(This equilibrium, like all gas reactions in which the number of 
appearing and disappearing molecules is the same, is independent 
of the pressure, since the volume factors cancel from numerator 
and denominator.) Victor Meyer and Langer estimated the 

^ Awnalei des Mines (1883), sect. iv. part D. 

2 Ann. Chim. Fharm., 136 (1865), 94. 

3 Ibid., 134 (1865), 124. 

* Victor Meyer and Langer, " Pyrochem. Untersuchungen " (Braunschweig, 
1885), p. 67. 
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dissociation at 1700° as much greater than this. Yet their 
observation can be explained equally well without this assump- 
tion, provided the velocity with which the dissociation equilibrium 
adjusts itseK be great, as is indeed very probably the case. 
A more rigorous treatment of the question is impossible with 
our present insuflScient knowledge of the specific heats of these 
gases. If we use Strecker's and Begnault's values as given in 
Wullner's compilation ^ for room temperatures, we find — 

icHa = 3-41 

icda = 4-08 Cfld = 7-08 


(i^Ha + icci, = 7-49) 


All the values refer to constant pressure. According to these 
measurements, the true specific heats of the disappearing sub- 
stances exceeds that of the substance formed by 0*41 at room 
temperature. Yet Eegnault's direct determinations of the specific 
heat of chlorine differ considerably from the indirect determi- 
nations of Strecker. Still, it seems unquestionable that the 
difference is positive at ordinary temperatures, and assumes a 
still larger positive value with rising temperatures, for Berthelot, 
Mallard, and Le Chatelier agree that the specific heat of 
chlorine at high temperatures greatly exceeds that of hydro- 
chloric acid, which always remains similar to that of hydrogen. 
In order to at least approximately inform ourselves as to 
what significance this difference of specific heats has, and to 
see how well Dolezalek's measurements harmonize with the 
assumption that the thermodynamically indeterminate constant 
becomes zero when we take account of a difference of specific 
heats, let us recur to the expressions developed in the Second 
and Third Lectures (p. 61, equation (28a), and p. 60, equation (9). 
For such a comparison it is often convenient to substitute 
Qt - <tM - a"T2 for Qo in the formula— 

A = Qo - a^T/T^T - (t"T2 - ETSv77Mj' + const. T 

a'tjT and tr^lnT can then be collected in one term, and we 
obtain in this case, for example — 

A + (t',T(1 + InT) + 2(t"T2 + EK7i-H^5ci ^ q,^ ^ eonst. T. (5) 
1 WiUIner, « Experimentalphysik," Sth edit., vol. iii. p. 554 (1896). 
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If we give a small negative value, say — 0*25, to the difference 
(Tv at absolute zero, and a moderate positive value, say +0 001, 
to the difference <r" of its increment with the temperature, we 
obtain, in the first place, a difference between the true specific 
heats at ordinary temperatures agreeing both in sign and in 
magnitude with the experimental results. In the second place, 
we find, with the help of the calorimetrically measured heat of 
reaction and the values calculated above from Dolezalek's experi- 
ments, that the thermodynamically indeterminate constant (in 
5) becomes very nearly equal to zero. Finally, the dissociation 
in the case of equilibrium at 2000° abs., calculated on these 
assumptions, is found slightly greater than we deduce from 
formula (4). Against these assumptions regarding a and a" 
may be urged the fact that Strecker, measuring the velocity of 
sound in chlorine, which is dependent on the ratio of the true 

specific heats ( — ), could find no certain change in this ratio 

between 17° and 343°. Yet Strecker's values are of varying 
accuracy, and his conclusion that the specific heat of chlorine 
is the same between 17° and 343° is too incompatible with the 
large temperature coefficient of the specific heat at high tem- 
peratures found by Mallard and Le Chatelier, to allow us to 
attach any importance to an objection based upon it. We can 
here, as in the former case, merely say that the facts are by no 
means opposed to the assumption of a zero value for the thermo- 
dynamically indeterminate constant. Such an assumption is not, 
however, proved by the observations, as we have already men- 
tioned (Second Lecture, p. 46). For further use in the next 
lecture we shall retain, for simplicity's sake, equation (4), 
especially since only temperatures of a few hundred degrees are 
there involved. 
Case 116 Measurements bearing on the energy of formation of hydro- 

The for- bromic acid have been made by Bodenstein and Geiger.^ The 
hydro^ ^^ relationships here are identical with those in the case of hydro- 
bromio chloric acid^ and their discussion may consequently be somewhat 
abbreviated. Bodenstein and Greiger have measured the electro- 
motive force of the cell Brs — BrH — H2 at 30°, using solutions 
of hydrobromic acid containing respectively 0*9291, 0*9250, and 
0*7849 g. HBr in one c.c.,and to which small quantities of bromine 

^ Z.f, phys. Chemie, 49, p. 70 (1904). 


add. 


RE A CTIONS WIT HO UT CHANGE IN NO, OF MOLECULES 1 1 3 

had been added (on one side). The vapour pressure of the 
bromine and the hydrobromic acid were determined in the same 
solutions and at the same temperature. It was also ascertained 
that the vapour pressure of the pure hydrobromic acid over its 
pure aqueous solution was not materially different from that over 
the solution containing bromine. Further, the pressure of 
the hydrogen gas passed in was measured. The value of this 
pressure in mm. Hg, the observed values of the e.m.f. of the cell 
in volts, and the energy of the reaction computed therefrom, for 
the formation of one molof HBr gas (e.m.f. x 23,110) expressed 
in gram-calories, are given together in the table below. According 
to our theoretical considerations, the energy of the reaction — 

iBra + iHa = HBr 
taking account of the difference of specific heats, would be — 

A = Qo - <T',T/nT - <t"T^ - BTfa . ^^° , + const. T (6) 

If we substitute here as before (see p. Ill) — 

Qt = Qo + a'.T + a"T2 
for the sake of convenience, we get — 
A = Qt - <t'.T(1 + InT) - 2a"T2 - RTZ/i ^°^^ ^ + const. T 

If we insert for T in this equation the absolute temperature 303°, 
used by Bodenstein and Geiger, and 12,200 cal. for the heat of 
reaction, this number lying midway between the value found 
by Berthelot (12,300) and that which Ostwald calculated from 
the measurements of Thomsen (12,100), it follows that — 

A = 12,200 - 6-714 x 303 x (r'^ - 2 x (303)2 x (r" 
- 1382 logio-r^^^ + 303 X const. 

The value of the logarithmic member of this equation is given in 
the next :o the last column of the following table ; that of the 
expressioa — 

A + 1382 logio , ^t" i 

I 
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We neg- 
lect the 
difference 
of the 
specific 
heats. 


Influence 
of the 
specific 
heats. 


in the last column. The mean of these values is very nearly 
12,800 cal. 


(1) 

(2) 
(3) 


PvLBt 

mm.Hg. 

PBrt 

mm.Hg. 

P^t 
mm.Hg. 

KMK 

Volt. 

A 

cal. 

12-0 
2-25 
1-19 

0-682 
1-509 
1-448 

742-5 
753-6 
760-6 

0-573 
0-625 
0-636 

13,242 
14,444 
14,698 


- 373 
-1625 
-1997 


A+Rm^^^^^ 


12,869 
12,819 
12,701 


If we arrange the equation as follows : — 
A - Qt + BTfa ^ ^f;° ^ = - fT^TQnl: + 1) - 2a"T2 + const. T 

and take 12,200 cal. for Qt, we can see from the table that 
the value of the left-hand member amounts to some 600 cal. If 
we insert this value, dividing through by 303 (calling |g| = 2) 
and transposing, we get — 

const. - 2 = 6-714(r^ + 606 X a" 

If, first, we put (Tv and a" equal to zero, the const, becomes 2, and 
we get, as in the case of hydrochloric acid, the approximation — 


A = 12,200 - BTfa . ^^'^ . + 2T 


(7) 


The assumption that the heat of reaction is the same at all 
temperatures finds expression in this equation. 

If, on the other hand, we examine the available data con- 
cerning the specific heats, we find that at ordinary temperatures 

the true specific heat of 

JBra + iHa 

exceeds that of IHBr by nearly a unit. The specific heats of 
hydrogen and hydrobromic acid are per mol approximately 
equal. We may assume without hesitation that their increase 
with the temperature would also be equal. On the other hand, 
the specific heat of bromine is much greater, and undoubtedly 
its increase with the temperatures is also more rapid. We may 
assume here, as in the case of HCl, a negative value ( — 0*5) for 
ff'v, and a positive value (+0 0027) for <t", and thereby cause the 
thermodynamically indeterminate constant to disappear, and 
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at the same time make the difference between the true specific 
heats at ordinary temperatures correspond to that experimentally 
determined. Yet by thus fixing the value of a and o-" we are 
forced to assume a more rapid change of the specific heats of 
bromine with the temperature than is at all compatible with 
the acoustic measurements which Strecker has made upon this 
gas. Since we possess no other evidence regarding the change of 
specific heats with the temperature, we must reserve judgment. 

The dissociation of hydrobromic acid vapour can be easily Diasocia- 
calculated from equation (7) if, for instance, we put T = 1000 abs. ^^^ 
(727® C.) ; it then follows for the equilibrium, where A = 0, bromic 

that- S%W 

logxo^rf^ = 3-114 a~- 

and ■^°^", = 1300 

Now, at equilibrium, for every one part of pure hydrobromic 
acid supposed to have been originally present, there is 1 — a; 

part still unchanged, while -^ part is present as bromine, and 

the same amount as hydrogen. We find then that — 

j^BrH ^ (1 - ^) - ^(^ - ^) ^ 1300 

or i= 651,ora:=:0-15 x lO'^ 

Expressed in per cents., the degree of dissociation x = 0*15 per 
cent, at 727°. 

Bodenstein^ states that Eeichenbach found the degree of 
dissociation at 650^-750° to lie between 0*3 per cent, and 0*9 per 
cent. He calls attention to the fact that the measurements 
probably gave too high results. The assumption of a negative 
value for a and a positive value for a", leads to a somewhat 
higher value for the degree of dissociation. 

We will complete this discussion by considering the equili- Case lie. 
brium conditions of hydriodic acid. Here we have equilibrium ination^of 
measurements made by Bodenstein, who subjected this matter bydriodio 

acicL. 
> Z,f,phy8. Chemie, 49 (1904), 61. 
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to a thorough and searching study .^ We will now show in 
the usual way the bearing of the values obtained, upon the 
formation of hydriodic acid, according to the equation — 

W + iHa = HI 

The " degree of dissociation " x of the hydriodic acid was 
the quantity directly determined. From 1 mol hydriodic acid, 

1 —a? mol remains undecomposed at equilibrium, and -5 mol each, 

of hydrogen and iodine are formed. The equilibrium constant 
can therefore be written ^ — 

K = 2az^) (2) 

X ^ 

Bodenstein's decomposition values were — 

° C. ... 508 487-2 443 427 410 393 374 356 

% ... 0-2408 0-2340 0*2198 0*2157 0-2100 0-2058 0-2010 0-1946 
oC. ... 328 302 283 

X ... 0-1885 0-1815 0-1787 

From these values Bodenstein computed a table of equilibrium 
constants which we will alter only by substituting values re- 
computed according to our definition of the equilibrium constant. 
The equilibrium constants labelled " found " are derived from 
the adjoining decomposition values, which in turn are computed 
by interpolation from the observed values of x given above. 
The interpolation formula deduced and used by Bodenstein is — 

X = 0-13762 + 0-00007221J5 + 0-00000025764^2 
The values of the heat of reaction also labelled '* found " are 

* ZeiUchr,/, physik, C%em., 29 (1899), 295, where earlier papers are also 
given. 

^ Bodenstein takes as the equilibrium constant — 

K - ^ 
" " 4(1 - x)^ 

We therefore get our constant from his by making — 

KJ 

Bodenstein gives the values as IriK^, Our constant, in the terms of this, 
therefore is — 
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calculated, interval by interval, from the equation of Van't 
Hoff— 




From these values of Q^, the heat of reaction at any temperature 
may be computed by means of the interpolation formula — 

Qt= 89-575 - 1-575T + 0-00549T2 

This formula corresponds to our expression — 

Qt = Qo + o''t»T — (r"T^ 

Finally, with its help, we get the equation for the energy of 
the reaction — 

A = 89-575 + 1-575T;7iT - 000549X2 - BTfa , ^^" , + const. T 

PU X Py^2 

Bodenstein determined the constant by calculating the value 
IriK for the condition of equilibrium (A = 0) and comparing 
it with the value of the InK "found/' This gave -2-67 as 
the thermodynamically indeterminate constant.^ 


520 
500 
480 
460 
440 
420 
400 
380 
360 
340 
320 
300 
280 


793 
773 
753 
733 
713 
693 
673 
653 
633 
613 
593 
573 
553 


X 


0-24483 
0-23813 
0-23164 
0-22535 
0-21927 
0-21339 
0-20772 
0-20226 
0-19700 
0-19195 
0-18711 
0-18247 
0-17803 


6-2 

6-4 
Q'^ 
6-9 
7-1 
74 
7-6 
7-9 
8-2 
8-4 
8-7 
8-9 
9-2 


InlL 
found. 


1-8195 
1-8562 
1-8922 
1-9279 
1-9631 
1-9978 
2-0319 
2-0654 
2-0983 
2-1306 
2-1621 
2-1929 
2-2229 


calcalated. 


1-8197 
1-8562 
1-8924 
1-9280 
1-9631 
1-9979 
2-0319 
2-0657 
2-0982 
2-1306 
2-1622 
2-1929 
2-2231 


Qt 
found. 


Qt 
calculated. 


2222 

2222 

2084 

2084 

1951 

1950 

1821 

1821 

1696 

1696 

1575 

1575 

1459 

1461 

1343 

1347 

1237 

1239 

1135 

1136 

1038 

1038 

942 

943 


The equations of Bodenstein can be used to calculate the Heat of 

reaction. 
* Bodenstein's equation for the equilibrium ruus — 

InKj, = - ?^ - l-5959ZnT + 0-0055454T + 2-6981 

If we replace (see above note) InK^ by -2?»K, and multiply through by RT 
we obtain the above equation. 
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heat and the energy of the reaction at ordinary temperature. 
The value of Qt, according to Bodenstein's equation given above, 
amounts for ordinary temperature to only +96 cal. This 
value is appreciably smaller than we should expect from the 
thermochemical data. Berthelot gives —6400 cal. for the 
formation of gaseous hydriodic acid from solid iodine and 
gaseous hydrogen, while from Thomsen's data we get — 6100 
cal. for the same quantity. The heat of sublimation of solid 
iodine can be calculated from measurements of its vapour 
pressure at diJBferent temperatures. Such measurements have 
recently been made by Baxter, Hickey, and Holmes,^ and they 
show that 15,100 cal. are used up in converting one mol of solid 
iodine into vapour at ordinary temperature. Therefore the heat 
of formation of one mol HI from the gaseous elements is equal 
to 7400 — 6400, i.e. 1000 cal. at ordinary temperature. Using 
Thomsen's data, we get 7400 - 6100, i.e. 1300 cal. 
Reaction The equation of the reaction energy can be tested by deter- 
energyat mining the e.m.f. of a galvanic cell, which consists of an 
tempera- iodine and a hydrogen electrode in a solution of hydriodic 
*"'®* acid. The partial pressures of iodine vapour and of hy- 
driodic acid gas, which are in equilibrium with the solutions at 
the electrodes, and the pressure of the hydrogen gas must be 
known. Kecently the author, in collaboration with Grottlob, has 
carried out preliminary measurements on such cells at 43*7®. 
According to Bodenstein's equation of the reaction energy, the 
e.m.f. at this temperature should be — 

E = 0-06757 - 0-0625 log ^^ ^ (E = volts) 

Five cells were tested, the concentration of the hydriodic 
acid varying between 3*5 normal and 6*44 normal, the concen- 
tration of iodine at the positive electrode being from 0*55 
normal to 1*076 normal. Hydrogen was passed in at the negative 
electrode under atmospheric pressure. The vapour pressures 
of hydriodic acids with and without addition of iodine were 
determined by the so-called dynamic method. All values 
of the e.m.f. were found to be larger than calculated from the 

* Journ, Am. Chem. Soc,j Jan. 1906. Former determinations have been 
made by Ramsay and Young (Jour. London Chem. 8oc., 49, p. 453 (1886), 
and by V. Richter {Berl Ber., 19 (1886), p. 1060). 
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above equation. The mean difference amounted to 0052 volt, 
corresponding to a difference of 1200 cal. in the reaction energy. 

These differences between calculated and experimental values 
for the reaction energy as well as the reaction heat suggest 
the question whether the iodine in Bodenstein's experiments 
behaved as an ideal gas. It may be remembered that, accord- 
ing to Guye and Eadice,^ the critical temperature of iodine is 
some degrees above 500°. Now the specific heats of gases at 
temperatures appreciably below their critical temperature 
show that the pressures are not as independent as is pre- 
supposed in the deduction of our formulae. It seems possible 
that Bodenstein's experiments, especially in the neighbourhood 
of 300°, were influenced by this factor. 

It is of interest to compare the various determinations of The 
the specific heats of the gases concerned. According to Boden- ^^^ 
stein — 

a\ + (r"T = - 1-575 + 000549T 

This value represents the difference between the mean specific 

heats (from 0° abs, to T°) of il2 + iHa and HI. Strecker ^ has 

C 
tested the ratio 7/ of the specific heats of hydriodic acid by 

measuring the velocity of sound in it. The true specific heat 
at constant pressure, calculated from his measurements, is 7*04, 
without any perceptible change with the temperature between 
21° and 100°. We may certainly take the Begnault value of 
6*82 per mol as the true specific heat of hydrogen at constant 
pressure at ordinary temperatures. Both values can, indeed, be 
employed up to 300° without any perceptible error. Testing 
the iodine, Strecker found a ratio of specific heats in the neigh- 
bourhood of 300° (220° - 375°) which gave a specific heat at 
constant pressure of 8*53, again quite independent of the tem- 
perature. According to these measurements, the difference of 
the specific heats of ^l^ + JHa and HI at 300° (573° abs.) is 
+ 0'62. Bodenstein's formula, on the other hand, would lead 
us to expect the much higher value of +4*73 for this difference. 
The discrepancy is remarkable, though we have to consider 

1 See Landolt-Bornstein, " Physikalisch-Chemische Tabellen," 3rd edit. 
(1906), p. 184. 

* Wuellner, '* Experimentalphysik," 5th edit. (1895), vol. iii. p. 564; 
Strecker, Wied. Ann., 13, p. 41 (1881). 
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that Strecker himself has emphasized the difficulty and in- 
accuracy of acoustic measurements on Ig at high temperatures. 
iTie di»- Concerning Bodenstein's values at high temperature (500*'), 

Bociation there is another point to be considered. The reaction studied 
atomi!* by Bodenslein changes its nature with rising temperature. 
The iodine, as well as the hydriodic acid, begins to dissociate. 
The two reactions — 

2I^Ia 
l2 + Ha$2HI 

therefore infringe one upon the other. The heat of formation 
of molecular iodine from atomic iodine is certainly very laige. 
Planck ^ has calculated from several measurements by Meier 
and Crafts,^ on the assumption that the specific heat of iodine at 
constant volume is not changed by dissociation into atoms, that 
it amounts to 29,000 cal. (at constant volume). He has further 
calculated from two of Bodenstein's numbers, that the heat of 
formation (which he assumes as independent of the temperature) 
of a mol of hydriodic acid from molecular iodine and hydrogen is 
1300 cal. We may use these results for a rough estimation of 
the relative importance of the two reactions, for, according to 
them, the decomposition of a mol of hydriodic acid into \ mol 

of iodine and hydrogen uses up only ^^ \i,e, isqq ^ 29 000 / 

of the total heat of the two reactions, while the further con- 
version of the \ mol of molecular iodine into atomic iodine uses 
up the remaining \^ of this total heat of reaction. The de- 
composition of hydriodic acid therefore entails a greater heat 
absorption the higher we raise the temperature, because thereby 
more iodine atoms, together with iodine molecules, are pro- 
duced. The heat of reaction Qt given by Bodenstein's measure- 
ments is nothing other than this heat consumption with changed 
sign. We can, therefore, no longer consider it as simply the 
heat of formation of hydriodic acid from molecular iodine and 
hydrogen, but must rather recognize in it the sum of two heats 
of reaction, that of the reaction — 

I -h ^Ha = HI 

1 « ThermodyDamik," 2nd edit. (1905), p. 216. 

" BwL Ber. (1880), 851, 1316 ; Compt Rend., 90, 360, 92, 39. Compare 
V. Meyer, Btrl Ber, (1880), 394, 1010, 1103 ; (1881) 1453 ; and Naumann, the 
same (1880). 1150. 
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and — 

Pa + iHa = HI 

Doubtless the share taken by the first reaction is very small, 
but vanishingly small it certainly is not, and at 520° it 
represents a measureable though small fraction of Qt. The 
dissociation of iodine into atoms under atmospheric pressure 
reaches 25 per cent, at 1043° 502 per cent, at 1275°, and 731 
per cent, at 1468°, according to Crafts and Meier. At lower 
temperatures the result of density measurements are not very 
sharp, yet even at 680° the decrease of the density is noticeable. 
The heat increment — 


1-575 + 2 X 000549T 


1 


of the reaction does not therefore represent merely the differ- 
ence of the specific heats of the reacting substances, but is 
rather determined by the fact that every increase of the 
temperature increases the relative frequency of the process 
involving the large heat change I + JH = HI, and decreases 
somewhat the frequency of the process with the small heat 
change- .^j^ ^ ^H^ ^ jjj 

The third, and technically the most important of the class Case ill. 
of reactions we are considering, is the water-gas reaction — Jw re**^^ 

CO2 + Ha ^ H2O + CO *^*^^°- 

The heat of reaction has here been accurately determined at 
ordinary temperature. It represents the difference between the 
heats of reaction of the following reactions : — 

H2 + i02 = H2O + 58,000 gram-cals. 
CO + iOa = CO2 + 68,000 

CO2 + H2 = CO + H2O - 10,000 gram-cals. 

These values are based on the critical discussion of the thermo- 
chemical data relating to the formation of water and carbonic 
acid, given *in Ostwald's large text-book. Berthelot's results 
lead to the value of — 10,100 cals., differing but 1 per cent, 
from the above. 

The determination of the equilibrium of this reaction has Hiatory 

of the 
^ The factor 2 is here present because the heat increment of the reaction water-gas 

is equal to the difference of the true specific heats (see p. 29). This has the reaction. 

factor 2 in front of the second number. 
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a history,^ It began with the experiments of Bunsen. He 
exploded a mixture of carbon monoxide and hydrogen with a 
quantity of oxygen insufficient for complete combustion, and 
studied the distribution ratio of the oxygen between the carbon 
monoxide and the hydrogen. Bunsen thought that, under these 
conditions, carbonic acid and water were always formed in 
simple ratios. E. von Meyer shared, at first, the same view, 
influenced by experiments of a similar nature. Then Horst- 
mann called attention to the incorrectness of their interpreta- 
tions, and, on the basis of results of his own, developed a 
correct theoretical treatment of the problem. This affirmed 
that the reaction proceeded at every temperature to the 
equilibrium represented by the expression — 


ChjO X Coo 


= K 


Cco2 X Ch2 

The Bunsen and E. von Meyer accepted this view after renewed 

hea^of examination of the problem. Horstmann could not attempt a 
the gases calculation of the change of the equilibrium constant with the 
tSrwate" temperatures, because at that time the specific heats of the gases 
gas equi- at high temperatures were not known. After research in this 
1 num. (jirection had furnished new material, Hoitsema ^ attempted to 
give a numerical treatment of Horstmann's observations. 

It will help us in understanding these calculations and the 
developments based on them, if we first review what is known 
about the specific heats of the gases concerned. The methods 
of their determination will be only lightly touched upon here, 
because they will receive special treatment in a later lecture. 
Regnault first showed, in his comprehensive research on the 
specific heats of gases (1862), that the specific heats of hydrogen 
and carbon monoxide were nearly the same both at ordinary 
and at slightly elevated temperatures. He found 6*86 cals. per 
mol as the specific heat of carbon monoxide, and 6*87 per mol 
as that of hydrogen.^ All later investigations of the behaviour 

* See Haber and Richardt, " Ueber das Wassergasgleichgewicht in der 
Bunsen-flamme nnd die chemische Bestimmung der Flammentemperatur," 
Zeitschr,/, anorg. Chem,, 38 (1904), 5. 

2 Zeitschr.f.physik. Chem., 25 (1898), 686. 

' As regards the value of the Regnault calorie, see Wiillner, " Experi- 
mentalphysik," 5th edit. (Leipzig, 1896), vol. ii. p. 523; also Dieterici, 
Drude's Ann,, 16 (1905), 593. 
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of these gases at higher temperatures agree in affirming that 
their specific heats change in an identical way with rising 
temperature, so that their difiference may be considered as 
approximately zero at all temperatures. Consequently, in the 
calculation of the heat of reaction and of the reaction energy of 
the water-gas reaction, only the difference in specific heats of 
carbon dioxide and water- vapour counts, provided we calculate 
the difference in the specific heats of the appearing and disappear- 
ing substances in the usual way. All investigators have not only 
found a difference in the specific heats of these gases, but have 
also found that this difference varies with the temperature.^ 
Begnault first determined these quantities at low temperature. 

He determined the specific heat of water- vapour at constant Specific 
pressure by an indirect method. That is, he first conducted **®^* ®^ 
steam at ordinary pressure, heated to 120°, into a calorimeter, vapour at 
and measured the heat of condensation. He next performed J^I^tu^' 
the identical operation ^with steam heated to 220° C. The 
difference of the two quantities of heat evolved was evidently 
equal to the heat given off by the steam in cooling from 220° 
to 120°. It amounted in Kegnault's experiments to 7 per cent, 
(in round numbers) of the total heat measured. This difference 
represents the product of the specific heat of steam between 120° 
and 220^ multiplied into the temperature difference (100°). 
Begnault found 0*48 gram-cal. as the mean specific heat per 
gram of water-vapour at atmospheric pressure from three ex- 
periments of this kind. This corresponds to a specific heat of 
8*64 gram-cal. permol. Though these measurements were made 
with the greatest care, we shoiQd not fail to recognize that they 
cannot guarantee any great accuracy of results. Let us consider 

1 Fliegner ("Vierteljahreschrift der naturforschenden Gesellschaft,'' in 
Zurich " (1899), p. 192) has raised certain objections to this conclusion which 
have found wide circulation in the literature of the engineering profession. 
He discusses the experiments of Mallard and Le Chatelier {Ann, des Mines, 4 
(1883), 379) and those of Berthelot and Veille {Ann. chim. phys,, 4 (1885), 13), 
and seeks to prove that all gases so. far investigated exhibit a constant speciGc 
heat. According to his views, the former measurement of Mallard and Le 
Chatelier gave faJse results because the influence of the walls was insufficiently 
considered. These doubts and the view based upon them that the speciGc 
heat at 2000° remains constant are disproved on the one hand by the experi- 
ment of Langen, and on the other by the results of Holbom, Austin, and 
Henning. 
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the last series of Kegnault's experiments, for instance, which gave 
an evolution of heat of 690*18 cal., when the steam was heated 
to 216-03^ and 645-44 cal. when heated to 122*75°, or a 
diflference of 44*74 cal. (the liquid water formed is assumed 
to be cooled to 0°). This corresponds to a temperature dif- 
ference of the vapour of 93*28°. From this we get 0*47963 
cals. as the specific heat of the vapour per gram. Now, the 
temperature change of the calorimeter itself in the single experi- 
ments amounts to some 20°, The 44*74 cal. corresponds to 
a temperature change of about 0*7° in the calorimeter. But the 
corrections (based on observation) which must be applied to the 
calorimeteric results because of conduction and radiation before 
and after the introduction of water-vapour, amount to from 
0*5 to 1° in single cases, or are approximately as great as 
the quantity investigated. These unfavourable conditions are 
operative in all the series of experiments. But even if we 
admit the accuracy of Eegnault's determinations, we cannot deny 
that the values found by him can have but slight significance. 
Water-vapour under one atmosphere pressure and between 120° 
and 229° is by no means a perfect gas. It is still far beneath 
its critical temperature of 360°. We would expect, therefore, 
Experi- that its specific heat would exhibit peculiarities. Such pecu- 
Lorenz. Parities did indeed come to light in an investigation carried out 
by Lorenz.^ Here superheated steam was conducted through a 
calorimeter at such a temperature that it did not cool to the point 
of saturation and condensation, but after a slight cooling made 
its exit, still in the condition of vapour. The following tables 
contain Lorenz's values. The temperatures at which the steam 
entered the calorimeter are given under A, the temperatures at 
which it left under B. Under M are given the means of these 
two temperatures, under j? the vapour-pressure in Kg. per square 
centimetre, and, finally, under Cp the true specific heats in small 
calories per mol of water- vapour under the given pressures ( jp) 
and at the given mean temperatures (M) — 

^ Zeitschri/t des Vereins deutscher Ingenieure, 1904, pp. 1189 and 698. 
Compare also the observations of Bach and of Weyrauch, which he also calls 
attention to {Zeitschr, des Vereins deutscher Ingenieure, 1876, p. 77, and 
1904, p. 24), Similar experiments carried out by A. H. Peake (Proc. Royal 
Soc, London^ 76 (1906), 186) did not give quite satisfactory results, as the 
author himself observes. 
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A 

• # » 

2241 

228-9 

243-5 

240-8 

291-1 

313-8 

343-3 

B 

• • • 

191-0 

182-0 

161-6 

204-0 

232-9 

244-8 

244-7 

M 

• • • 

207-6 

205-4 

207-6 

2-22-4 

262-0 

279-3 

2900 

P 

• • t 

6 829 

4 311 

1-932 

8-97 

8-98 

6-82 

1-89 

^P 

• • • 

11-20 

11-49 

9-56 

12-56 

11-52 

1022 

9-29 

A 

• • • 

326-6 

367-5 

361-3 

381-5 




B 

• • • 

262-4 

260-1 

281-7 

296-3 




M 

• • • 

296-0 

313-8 

321-0 

338-9 




'P 

• • • 

405 

8-985 

6-945 

3-936 




% 

• • • 

8-71 

10-26 

9-99 

8-60 





Lorenz deduced the formula — 

c, = 0-43 + 3-6 X 10^^(i> = -|^-, T = aba. Temp.) 

as representing his experimental results for the true specific 
heat per gram of water- vapour, Eegnault's values for 453° abs. 
do not fit this formula at all well. Its applicability presumes, 
of course, that the temperature should not be far outside the 
temperature studied (205° — 339°). Over this interval it 
shows that the more the pressure sinks, and consequently the 
nearer the water- vapour behaves like an ideal gas, so much more 
does the specific heat per mol at constant pressure approach the 
value 7*74 cal. Experiments of Jones,^ to which Lorenz (/.c.) 
refers, afford a partial confirmation of Lorenz's results. An Thiesen's 
exhaustive discussion of the specific heats of water-vapour has ^lon. ^ 
been published by Thiesen^ in connection with the measure- 
ments of Begnault, and his own numerous determinations of 
the velocity of sound in water-vapour. We learn from his 
discussion that the specific heat of aqueous vapour under 
small constant pressures falls off very considerably between 
0° and 80°. It reaches a minimum of 7*34 per mol at 80°, and 
then rises again, reaching the value 7*94 at 480°.^ 

^ Jones' values are given the preference by Carpenter. See Lorenz's 
paper for a comparison of the two series of results, as well as for a discussion 
of the formula and the thermodynamic relationships connected with it (see 
also Planck, " Thermodynamik," 2nd edit. (1904), p. 123). 

« Thiesen, Drude's Ann,^ 9 (1902), 88. See also Tumlicz {Wiener Acad, 
Ber., 1897, Abt. Ila. 654, and 1899, Ila. 1396) ; further, Macfarlane Gray 
{PM Mag,, [V.] 13, 337 (1882)). 

^ We may take into consideration Winckelmann's {Wied, Ann., 4 (1878), 
7) determinations of the thermal conductivity of aqueous vapour, which give 
indirect evidence on the basis of the kinetic gas theory bearing on the change 
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Specific Eecently Holbom and HenniDg ^ have very much extended 

water^^ our knowledge of the specific heat of water-vapour at the 
vapour pressure of one atmosphere by calorimetric determinations 
^oolTd carried out between 110° and 800°. The results of their 
800°. experiments give the relation between the specific heats of 
water-vapour and air, so that any uncertainty regarding the 
change of the specific heat of air with rising temperature in- 
fluences the value for water- vapour. 

Holbom and Henning give two expressions for the mean 
specific heat of water-vapour at the constant pressure of one 
atmosphere : 


or 

and 

or 


(«) Cp(H20) = 8-03 + 0-00078^ 
Cp(H^) = 7-60 + 000078T 

Q>) ckh,o) = 7-94 + 000115^ 
^KH.o) = 7-31 + 0-00115T 


In the first case the increase of the mean specific heat of air at 

the constant pressure of one atmosphere is taken as 3*0 x 10~*^, 

in the second case twice this amount. 

Specific The specific heat of carbon dioxide at low temperature has been 

CO* at iiivestigated by Kegnault between - 30° and 10°, +10° and 100°, 

low* tern, and between 10° and 210°. Eegnault found 018427, 0-20246, and 

peratupe. 0*21692 gram-caL per gram. Later experiments, in which he 

varied the pressure of the gas between 1 and 10 atmospheres, 

. indicated that the mean specific heat between 185° and ordinary 

temperature is quite independent of the pressure. The Eegnault 

experiments at ordinary pressures have been repeated by 

of the specific heat with the temperature. Accordiag to these determinations, 
which Mallard and Le Chatelier have availed themselves of, the true specific 
heat of water- vapour should be some 12*7 per cent, greater at 100® than at 
0®, when the pressure of the water- vapour amounts to but a few millimetres. 
Other indirect determinations have been carried out by A. H. Peake (Z.c.) 
and by A. Griessmann (Forschungsarheiten auf dem Qebiet des Ingenieur- 
wesenSf Heft 13 (1904)). They throttled superheated steam. This method 
is analogous to the procedure of Joule and Thomson (see p. 18). In the 
case of a non-ideal gas a fall of temperature takes place, which has a thermo- 
dynamic relation to the specific heat. 

1 Drude's Ann. d. Fhysik (IV.), 18 (1905), 739. 
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Wiedemann^ with somewhat dififerent experimental arrangements. 
According to Wullner {I.e.), Regnault's and Wiedemann's 
results may be expressed as follows : — 

Kegnault. Wiedemann, 

c^co^, mean specific heat, - <° 0., 8-28 + 0-00596^ ... 8-56 + 0-005038^ 

c^oo2), true „ „ at <° C, 8-28 + 0O1192« ... 8-67 + 0-010076^ 

These numbers have been well checked by determinations of 
the ratio of the specific heats made by Rontgen,^ Miiller,^ 
and Wullner,* according to various methods. It seems, con- 
sequently, beyond question that the specific heat of carbon 
dioxide rises rapidly with the temperature under atmospheric 
pressure in the interval of temperature studied. On the other 
hand, the results of Segnault are somewhat inaccurate, since 
Lussana ^ has shown with certainty that under heavy pressures 
the specific heat is a function of the pressure between the tem- 
peratures of 13'2° and 114*9°. At first sight there is something 
surprising in the fact that this specific heat should increase with 
rising temperature under constant atmospheric pressure, while 
that of water-vapour, according to Lorenz's observation, de- 
creases under somewhat higher pressures. The phenomenon 
becomes more comprehensible when we notice that the same fall 
in the specific heat has also been observed by Lussana in carbon 
dioxide itself, when the pressure is greater than 54 atmo- 
spheres. Under lower pressure there is, according to him, first 
a decrease, and then later an increase in its specific heat. 

The specific heat of carbon dioxide under the constant Specific 
pressure of one atmosphere has been determined calorimetrically co, be- 
by Holborn and Austin.® They carried out their investigations t^J®^ 
between 20° and 800°, and derived the expression — goo®. 

^ixco,) = 8-923 -I- 0003045^ - 0*000000735^2 
or 

c^oo.) = 7-097 -I- 0-003045T - 0000000735T2 

A linear expression which can be deduced from Langen's 

1 Wiedemann, Pogg. Ann., 167 (1876), 1. 

2 Fogg, Ann., 148 (1873), 680. 

3 FVaf. ^nn., 18, 94. 

4 Wied. Ann., 4 (1878), 321. 

* FortachnUe der Physikfur 1896, p. 346, and 1897, p. 331. 

* Sitzungsher, der Kgl, Freuss. Akad., 1906, p. 176. 
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determinations at higher temperatures is in fairly good agree- 
ment with the results of Holborn and Austin, and will be used 
later on instead of these expressions. 
Speoifio "^3 ^^ ^ relationships at high temperatui^e are concerned, 

heat at Mallard and Le Chatelier were the first to study the specific 
pefatur^'. heats at constant volume. They exploded gases in closed 
spaces and observed the pressures generated.^ From these, 
assuming the gas law {pv = RT), the mean specific heat 
between the ordinary and the explosion temperature could be 
calculated basing their conclusion on them. We will later 
recur to these experiments. . It will here suffice to state that 
Mallard and Le Chatelier recommended the experimental 
formula — 

c, = 4-33(T X IQ-^f^-^ 

for the specific heat of carbon dioxide at constant volume. 
Later, they resorted to a simpler linear formula. 

For water-vapour they obtained the following values for the 
mean specific heats between 0° and f : — 

f" 3360 3380 3320 

c, 16-5 16-2 17-1 

They deduced the formula — 

Ct(a°.toc.) = 5-61 + 3-28 x lO^^ 

to express these values. Only Kegnault's value for ordinary tem- 
perature was known at that time, and could be compared with 
their observations at about 3350°, so that there was support 
for nothing more than a linear function. Wiedemann, as above 
mentioned, made measurements of thermal conductivity, and the 
deduction therefrom also agreed with this formula, though this, 
to be sure, was but scant proof. 

1 Berthelot and Veille {Ann. Chim. Phys., 4 (1885), 13) instituted similar 
experiments, but, instead of the static pressure, measured the acceleration 
which a movable piston experienced under the influence of the explosion. 
The procedure was original with Veille. Such high temperatures were 
used throughout the measurements that dissociation set in. They therefore got 
" apparent " specific heats, that is, values which were affected by the heat of 
dissociation. The calculation of the real specific heat from these " apparent " 
values can hardly be considered very reliable. Le Chatelier made no further 
use of these values when, a few years after their publication, he was studying 
the dissociation of carbon dioxide from a theoretical standpoint. 
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To test their formula, Mallard and Le Chatelier made use of 
three determinations of the specific heat of mixtures of carbon 
dioxide and water-vapour. They assumed that the above- 
mentioned formula for the specific heat of water-vapour was 
correct, and calculated with its help the specific •heat of carbon 
dioxide from the pressure measurements made on the mixture 
of carbon dioxide and water-vapour, and compared these with 
the values given by their exponential formula. The data are — 


t 

CWH20) 

C»(002) 

c»{(X)2) from 
exponential formula. 

2100° 
1640° 
1280° 

12-3 

10-6 

9-7 

14-4 
11-6 
11-3 

13-8 
12-6 
11-8 


The agreement is, as we see, a good one. The deviations amount 
to from 5 to 8 per cent. In the determinations of Mallard and 
Le Chatelier, it is assumed that at the moment of explosion the 
combustion is complete. If this is not the case, but instead, 
great dissociation takes place, the values obtained would be 
useless, because the heats of combustion would not be as great 
as assumed. The specific heat would appear too high. We have 
an illustrative case in nitrogen tetroxide at low temperatures. 
This gas (N2O4) dissociates, on warming, into 2NO2, and the 
heat-change which accompanies this gives rise to entirely 
erroneous values in specific heat measurements.^ The inference 
that dissociation has taken place can, however, be tested here 
by the results of the explosion method. The pressure change 
after the explosion follows a different course when dissociation 
occurs than when it does not. Mallard and Le Chatelier's 
experiments lead to the strange result that hydrogen and oxygen 
unite completely even at a temperature of 3500°. A closer 
examination shows that a complete combination at this tem- 
perature is inconceivable in • the equilibrium condition. The 
equilibrium must then have been overshot, or, better expressed, 
circumvented. We can imagine that the formation of water 
does not take place by the path a, in the following diagram, 
but by the path J, c, and d. 

I Berthelot and Ogier, Ann. Chim. Phys. (6), 30 (1882), 382. 

K 
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b 

2H2 + O2 "> H2O2 + H2 

2H20 «- 2H20 

If the process takes place exceedingly fast, it is conceivable 
that it only has time to pass through the steps b, c, but not d, 
so that only undissociated water is formed, while had the heating 
lasted longer, free hydrogen and oxygen could not help being 
formed, just as though the process had taken the direct course 
a. This unusual condition of aflfairs will perhaps be somewhat 
elucidated by an illustration. We may picture a brook flowing 
down the side of a valley into a pool. The water cannot, of 
course, flow from the pool up the opposite side of the valley. 
The only way it can reach a point on this opposite side is to 
first flow around the head of the valley. The sole requirement 
is that everywhere on this circuitous route there hQ a certain 
minimum down grade. The water loses a part of its available 
energy of position in flowing around the head of the valley. It 
loses the rest of this energy as it flows down the slope into the 
pool. Whether the direct or the indirect path is followed depends 
here, just as it does in a chemical reaction, on the relative resist- 
ances of each path, or, as one would say in the chemical case, on 
the reaction velocity. The experiments of M. Traube and C. 
Engler ^ confirm the assumption that hydrogen peroxide, and not 
water, is the primary product of the union of hydrogen and oxygen. 
Conditions are quite difierent in the case of carbon dioxide, 
a very perceptible dissociation being observed here, even below 
2000°. Mallard and Le Chatelier estimate that at 2000^ under 
a pressure of 6 atmospheres, it amounts to something less than 
5 per cent. In order quite to exclude any effects due to dis- 
sociation, these investigators employed another method of calcu- 
lation, taking as a basis the experiments of Sarreau and Veille 
with the crusher manometer as a starting-point. This mano- 
meter is a sort of explosion bomb. The pressure developed in the 
explosions, amounting to thousands of atmospheres, compresses 
a copper cylinder fitted into an opening in the wall of the bomb.^ 
By means of a compression machine, a hydrostatic pressure is 

» Berl Ber., 33 (1900), 1110 ; Nernst, Z, phys, Chemie, 46 (1903), 720. 
^ DeBcribed and illustrated in the Sixth Lectare. 
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found which will deform similar cylinders to an equal amount. 
In this way the gas pressure developed by the explosion is 
measured. From the nature and amount of the explosion, we 
know the heat evolved, as well as the mass and nature of the 
gaseous product of the explosion. We then know that a known 
quantity of heat can cause these gases to exert a measured 
pressure within a certain volume. We are therefore able, with 
the help of the gas laws, to calculate the specific heats of the 
gases at constant volume. The method has this advantage that 
the enormous pressures generated prevent any dissociation taking 
place which would render the reaction incomplete at high tem- 
peratures. In this manner. Mallard and Le Chatelier calculated 
the mean specific heat per mol at constant volume to be — 

4*76 + 0*00122^ for the permanent gases 
5*78 + 000286^ for water- vapour 
6-5 + 000387^ for carbon dioxide 

Langen has recently measured the specific heats of these gases 

by Mallard and Le Chatelier*s original method, and has 

found — 

4*8 + 6*0 X ^ X 10~* for the permanent gases 

5-9 + 2*15 X t X 10"^ for water-vapour 

6-7 + 2-6 X ^ X 10-3 for carbon dioxide ^ 

His numbers all signify mean specific heats at constant volume 
between 0° and f. They particularly apply to the temperature 
interval of 1300° — 1700°, and, in this region, correspond well 
with the observed pressures. Even up to a temperature of 
2000° they are not in error by more than 3 per cent. Langen's 
method of calculating the results of his explosion experiments has 
been criticized by Schreber.^ Langen got three linear equations 
for the mean specific heats of known mixtures of carbon dioxide, 
water-vapour, and the permanent gases between 0° and 1300°, 
0° and 1500°, and 0° and 1700°. Since the specific heats of the 
three components : (1) permanent gas, (2) water- vapour, (3) car- 
bon dioxide, are the three unknown quantities, it is possible to 
calculate them directly from the three equations. Schreber found 
in this way — 

1 " Mitteilangen tiber Forschungsarbeiten auf dem Gebiete des Ingenieiir- 
wesen," vol. viii. (Berlin, 1903). 

2 Dingier 8 poly techn. Joum., 318 (1903), 433. 
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Permanent gas 4-879 + 0-00063^ 

Water-vapour 7 456 + 0-001165^ 

Carbon dioxide 7771+ 0-00189^ 

It may be remarked that the increase of the mean specific 
heat of water-vapour, according to Schreber's calculation, is 
almost the same as calculated by Holborn and Henning from 
their calorimetric determinations, the increase of the mean 
specific heat of air being taking as — 

6-0 X \^-H 
Langen's own computation starts from the assumption that the 
mean specific heat of the permanent gases is correctly given by 
the formula— ^^ ^ 4.3 4. Qoooe^ 

which Mallard and Le Chatelier derived from their explosion 
experiments, and on this basis got the above values. It is clear 
from Schreber's criticism that the mean specific heat of water- 
vapour between 0° and ISOC^ or 1700°, as determined by Langen, 
is relatively uncertain. The values of the mean specific heats of 
the permanent gases are checked by Steven's measurements ^ of 
the ratio (k) of the two specific heats of air at high temperatures 
made by the use of Quincke's acoustic thermometer. His value 
of K = 1*34 ± 001 harmonizes well with the values which Mallard 
and Le Chatelier, as well as Langen and Schreber, have calcu- 
lated ; while its agreement with the values of Mallard and 
Le Chatelier based on the experiments with the crusher 
manometer is faulty. There are no further results to be 
mentioned in this connection.^ We will now attempt to sum- 
marize the various specific heat formulae already given, and 
also append a few additional ones. 

For carbon dioxide we have the following formulae : — 
(a) Cy, = 4-33(T10-2)o-367 according to Mallard and Le 
Chatelier (explosion method). Basis : explosive pressure in gas 
explosions at 2000°, and Eegnault's numbers. 

(S) c^ = 6*5 -I- 2*6^10"^ according to Langen. Basis : ex- 
plosive pressures at 1300°, 1500°, 1700°. The calorimetric 
determinations of Holborn and Austin between 0° and 800° 
agree with this expression. 

* For the method and for a criticism of the result by Kalahne, see the 
Sixth Lecture. 

2 Haiissere's results {For&chungsarbeiten auf dem Qebiet dea Ingenieurs- 
weseUf Heft 26 (Berlin, 1905)) are very uncertain. 
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(c) Co = 7*771 + 0-00189^, according to Schreber. Basis : 
Langen's above-mentioned experiments. 

(d) c^ = 6-5 4- 0-00387 according to Mallard and Le 
Chatelier. Basis : experiment with the crusher manometer. 

(e) It should finally be added that Le Chatelier ^ later con- 
cluded to formulate all specific heats on the supposition that 
the specific heats of gases under constant pressure converge 
toward 6*5 per mol at the absolute zero. The values which he 
therefore considered as the most probable are — 

Permanent gases 6*6 + O'OOOGT 

Water- vapour 6-5 + 0-0029T 

Carbon dioxide 6*5 + 0-0037T 

For water- vapour we have the following formulae : — 

(a) c„ = 5*61 -I- 3-28^10"^ according to Mallard and Le 
Chatelier, Basis : explosion observations at about 3350°, 
Eegnault*s numbers for 120° — 220°, checked by explosion, 
experiments with carbon monoxide, hydrogen, and oxygen 
based on formula (a) for COg. 

(6) c„ = 5-78 -I- 2-86d0-3 according to Mallard and Le 
Chatelier. Basis : observations with the crusher manometer. 

(e) Co = 7*456 + 0*001165^, according to Schreber. Basis : 
Langen's experiments. 

(d) c„ = 5*9 -I- 2*15^10"^, according to Langen. Basis: 
explosions at 1300°, 1500°, and 1700°. 

In our consideration of the water-gas reaction we are 
interested in the difiference between the specific heats of carbon 
dioxide and water- vapour, and we shall use these formulse to 
compute the value of this diCFerence for a number of tempera- 
tures. Further, instead of temperatures Celsius, we shall 
substitute absolute temperatures.^ 

1 Compt Bend., 104 (1887), 1780; and "Cours de cliimie industrielle." 
These are the values which Heir von Juptner (Z, anorg, Chem,, 38 (1904), 63) 
used. 

^ The following example illustrates the method of calculation. Langen 
states that — 

Cik;o2 (between 0° and t°) = 67 + 0-0026« 

It follows then that — 

C^02 (true at t°) = 6*7 + 0-0052/ 
and that— C^xw (true at T°) = 6-7 + 0-0052(T - 273) 

= 6-28 + 0-0052T 
and then— decs (between 0° and T°) = 5-28 + 0-0026T 
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We will first choose LaDgen's values for constant volume. 

ck)o. = 5-280 + 2-6 X 10-8T 
c.H,o = 4-726 + 215 X 10-8T. 


Ctoo, - c«H.o = 0'554 + 0-45 X lO-^T 

C0CO2 " ^wHaO then becomes, in the interval between 0® abs. 
and T"*, equal to — 


°c. 

... 1227 

1427 

1627 

1827 

T 

... 1500 

1700 

1900 

2100 

Cal. 

... +1-23 

+ 1-34 

+ 1-40 

+ 1-50 


Secondly, we will choose Schreber's data for constant volume — 

c,«o, = 6-739 + 0-00189T 
c»H,o = 6-82 + 0001165T 

cxx), - c,H^ = -0081 + 0-000725T 

(toOi — CcHjO then becomes, in the interval between 0° abs. and 
T°, equal to — 


°c. 

... 1227 

1427 

1627 

1827 

T 

... 1500 

1700 

1900 

2100 

Cal. 

... +1-00 

+ M5 

+ 1-30 

+ 1-44 


Thiidly, we choose the values of Mallard and Le Chatelier based 
OD manometer measurements — 

c^oa = 4-39 + 0-00387T 
cm^ = 4-22 + 0-00286T 


Ct<3o, - c«H,o = 0-1685 + OOOIOIT 
^t>co2 "■ ^wHaO in the same interval then becomes — 


°c.. 

... 1227 

1427 

1627 

1827 

T 

1500 

1700 

1900 

2100 

Cal. 

... +1-684 

+ 1-886 

+ 2-088 

+ 2-289 


Hoit- We will now revert to Hoitsema's treatment of the water- 

corSdera- 8^ reaction. Hoitsema selects the formulse which Mallard 

tionre- and Le Chatelier computed from their experiments with the 

fhe water- crusher manometer to represent the change of the specific heats 

gas re- of the gases with the temperatures, and assumes them to be 

correct. With their help he calculates the difference between 

the specific heats of the gases appearing and disappearing in the 

water-gas reaction as — 
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6-5 +0-00387^ 
5-78 + 0-00286^ 


0-72 4- 0-00101^ 
On this basis he arrives at the expression — 

Q, = -10,111 + 0-72< + 0-00101^2 
using Berthelot's value for the heat of reaction at 18°, and on 
the absolute temperature scale — 

Qt = - 10,232 + 0-1685T + O-OOIOIT^ 

Hoitsema showed that the heat of reaction must therefore 
become zero at 2825°, which is easily seen to be true when 
we substitute the value (2825 + 273) for T in the equation just 
given. Hoitsema then recalled that the equilibrium constant 
must show a maximum at the place where the heat of reaction 
passes through zero. This follows from our former equation (see 
P- 64)— ^^ Q 

dT "" RT^ 

For, according to this equation, an increase dlnK will accompany 
an increase of temperature rfT, when Q has a negative value, 
but afterwards, when Q has acquired the opposite sign at a 
higher temperature, dlriK must become negative, and consequently 
the equilibrium constant must become smaller. Now, Hoitsema 
found that the ratio of the compositions of the gases in Horst- 
mann's experiments on the explosions of carbon monoxide and 
hydrogen with insufficient oxygen shows a maximum — 

CnaO X Ceo _ g.25 
Chj X Ceo, 

He calculated, with the help of the above-mentioned specific heats, 
and with the help of the known heats of combustion of carbon 
monoxide and hydrogen, what the temperature of the gases in 
Horstmann's experiments must have been, when the equilibrium 
constant showed this maximum. This temperature came out 
at 2700°, which is evidently very near to the value 2825°. 

We have treated this calculation so exhaustively here Luggin's 
because it has played an important rSU in the subsequent study ^^jj^^^" 
of the question. It would seem at first sight as though its water-gas 
results were sufficiently unequivocal to definitely settle the^^^" 
location of the water-gas equilibrium at all temperatures. Thus, 
as Luggin ^ has shown, if we turn to our formula — 
* Joum.f. GasbeL u, Wasserversorg. (1898), 713. 


Qo (r\ tAr., (t" 
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A = Qo - (t'TZ/iT - (t'T» - RTfa ^"'^ ^5^^ + const. T 
after an easy transformation we find, for the case of equilibrium, 
where A = and ^??^^^= K 

= ^ - ^teT - ^T - ZnK + y 

The constant i' has the value — p— *. If, finally, we insert 
Briggsian logarithms — 

Here A" = -ottu'. Inserting numerical values, we get — 

logic K = - ,./Q'^f ^ - 2:^log- T - '^^T + k" 
^ 2-3 X E X T E ^ 2-3 X E 

We can directly calculate the constant k", if it is certain that 
the equilibrium constant K for the T = 2825 4- 273 has the 
value 6'25. Carrying out the calculation on this basis, and 
inserting the value of k" obtained (putting E = 2) — 

logio K = - ^^ ■- 0-08463 logio T - 0-0002203T + 24943 

If we now recur to our main formula, we may write it as — 
A = - 10,232 - 01685T/nT - OOOIOIT^ 
. ET/;,§MJ<Cco ^ J0.725T 

Yet if we critically examine the basis of this formula, we are 
met by a series of grave objections. The correctness of the 
whole matter is evidently dependent, in the first degree, upon 
how close to the truth are Mallard and Le Chatelier's values for 
the specific heats. Indeed, this dependence is of a double 
character. If, for instance, the specific heats of carbon dioxide 
and water-vapour were each slightly altered, the percentage 
effect of this change on the small difference of the two quantities 
(01685 + OOIOIT) would be large. But a small difference 
in the value of the second term of this expression (that is, 
O'OOIOIT) would be sufficient, at these temperatures, where Q 
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becomes equal to zero, to give entirely different numbers. If 
we assume the values of Langen as true for all temperatures, 
the difference of the specific heats of carbon dioxide and water- 
vapour is 0*554 + 00045T. We get, then, by a similar 
development — 

Qt = -10,298 + 0-554T + 0-00045T2 

and Q does not became equal to till at about 4000°, or at a 
temperature some 1000° higher than before. 

In the second place, the values of the specific heats determine 
what temperature one computes for the gas mixture at the 
moment of explosion from the heats of combustion of carbon 
monoxide and hydrogen. Here the sum, and not the difference, 
of the specific heats comes into consideration. An inaccuracy 
in the difference by no means involves a like inaccuracy in the 
sum, and vice versa. The agreement of the maximum tempera- 
tures, which Hoitsema deduced on the one hand from Horst- 
mann's gas analysis, and on the other hand from the heat of 
reaction, is therefore just as uncertain as the temperature at 
which tlie heat of reaction becomes equal to zero. 

The other basis for Hoitsema's value is the number 6*25 for 
the maximum value, which the ratio — 

Ceo X C nao _ -j^ 

Cooj X Ch2 
reaches in the explosion experiments. The calculation of 
Hoitsema can only be right, provided the ratio, after it has 
adjusted itself at nearly 3000°, in the moment of the explosion, 
does not alter during the cooling. It is, however, improbable 
that this cooling is rapid enough to retain unaltered the com- 
position of the gases reached at these high temperatures. 

Hoitsema himself noted that Macnab and Eistori had 
made experiments with the gases produced in the detonation 
of explosives. These are chiefly carbon monoxide, carbon 
dioxide, nitrogen, hydrogen, and water-vapour. Their experi- 
ments did not agree with Horstmann's results, and could only 
be brought into accord with them by the assumption that in 
Macnab and Ristori's experiments the gases reacted further as 
they cooled off. We should also point out in this connection 
that repetition of Horstmann's experiments by Botch,^ and 

1 Li^, Ann., 210 (1881), 207. 
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Experi- 
ments of 
Harries. 


especially by Dixon,* have given results which cannot be recon- 
ciled at all with those of Horstmann, and awaken the suspicion 
that the walls of the vessels affect the results of the explosion 
process to such a degree as to render such experiments value- 
less for calculations of the equilibrium. 

In view of these considerations, it must at first seem very 
surprising that Luggin's formula, based on Hoitsema's compu- 
tation — 

logio K = --^ - 008463 logio T - 00002203T + 24943 

should fit so well those observations of Harries, which Luggin 
was able to use in testing it. Harries had, at H. Bunte's 
suggestion, passed water-vapour over glowing coals and deter- 
mined the composition of the mixture of hydrogen, carbon dioxide, 
carbon monoxide, and water-vapour formed. Harries' results, 
as computed by Luggin, were as follows : — 







Gas 


K 

cal. 

Luggin. 

<0C. 

Ha 

CO 

CO, 

H,0 
87-12 

current. 

Litres per 

second. 

K 
obs. 

674 

8-41 

0-63 

3-84 

0-9 

1-70 

0-49 

758 

22-28 

2-67 

923 

65-82 

1-8 

0-85 

0-70 

838 

28-68 

6-04 

11-29 

54-09 

3-66 

1-01 

0-98 

838 

32-77 

7-96 

12-11 

47-15 

3-28 

0-94 

0-98 

861 

36-48 

11-01 

13-33 

3918 

5-3 

0-89 

1-07 

954 

44-43 

32-70 

5-66 

17-21 

6-3 

2-25 

1-41 

1010 

47-30 

48-20 

1-45 

3-02 

6-15 

2-12 

1-65 

1060 

48-84 

46-31 

1-25 

3-68 

9-8 

2-78 

1-88 

1125 

50-73 

48-34 

0-60 

0-303 

11-3 

0-48 

2-11 


From the given compositions of the gas mixture, the ratios — 

CHgO X Ceo _ XT 

Cco2 X Ch2 

are first calculated for the various temperatures. Beside them 
are placed the values of K as calculated for the various tempera- 
tures from Luggin's formula. Though these experiments were 
merely undertaken to determine the effect of water- vapour on 
glowing coal, and were executed under experimental conditions 
which gave no assurance of the constancy of the temperature, 

» FUh Tram. Roy. 8oc., 175 (1884), 618. 
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yet, with a few exceptions, there is a surprising agreement 
between the values of — 

ChzO X Ceo 

Cco2 X Ch2 

and the values of K, calculated from Luggin*s formula. 

Boudouard then instituted experiments to fix more accu- Experi- 
rately the equilibrium constant by leading carbon dioxide and ^ents of 
hydrogen into a hot evacuated vessel, which contained platinum 
as a contact substance. After a long heating, the gas was 
sucked out, and its composition determined. The results are 
entirely useless, for the composition of the gas before and 
after the experiment does not satisfy the stoichiometric require- 
ments of the reaction. When, for instance, Boudouard started 
with a mixture containing 51 per cent. CO2 and 49 per cent. H2, 
there must have been 51 per cent. (CO2 + CO) and 49 per cent. 
(H2 + H2O) after the experiment. Instead of this he found, 
for instance, 602 per cent. CO + CO2 and 398 per cent. 
(H2 + H2O). Hahn has adduced yet other legitimate objec- 
tions to Boudouard's experiments. He himself^ then subjected 
the problem to a careful study. 

On the one hand, Hahn led mixtures of carbon dioxide and Experi- 
hydrogen over platinum as a contact substance, and, on the ^^ ^^ 
other, mixtures of carbon monoxide and water-vapour. The 
values which he obtained in the first case for the equilibrium 
are given under (a), those in the second case under (6). The 
computation was carried out by Hahn in two ways— first using 
Luggin's expression exactly as given, and then again using it 
after the thermodynamically indeterminate constant had been 
slightly altered (2-4943 to 2-5084). 


t 

T 

a 

6 

Mean. 

Calcula 
2-4943. 

ted with 
2-6084. 

686 

959 

0-534 


0-505 

0-522 

786 

1059 

0-872 

0-808 

0-840 

0-790 

0-851 

886 

1159 

1-208 

1-186 

1197 

1-133 

1-170 

986 

1209 

1-596 

1-545 

1-571 

1-520 . 

(1-570) 

1005 

1278 

1-62 

— 


1-597 

1-650 

1086 

1359 


1-96 


1-938 

2-002 

1205 

1478 

2126 



2-457 

2-538 

1405 

1678 

2-49 



3-320 

3-433 


Z.f, 'phys, Chemiej 44, 510 and 48, 735. 
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In the interval between 686° and 1086°, Hahn*s experi- 
ments agree surprisingly well with the Hoitsema-Luggin curve. 
The values for 1205° and 1405° are divergent. Hahn later 
attempted another computation in order to explain these 
divergences. He used the Le Chatelier supposition that the 
specific heats of all gases under constant pressure equal 6*5 at the 
absolute zero point. Like Le Chatelier, he further makes use 
of the assumption that the specific heats, at any temperature, 
can be approximately represented by the linear formula 
6*5 + icT, but chooses another value for x than did Le Chatelier. 
He takes 6*5 + 0'0042T as the molecular specific heat of 
carbon dioxide under constant pressure between 0° and T°, and 
6*5 + 0*0024T as that of hydrogen. Le Chatelier himself took 
6-5 4- 0-0037T for carbon dioxide and 6-5 + 000029T for water- 
vapour — as we saw before. Hahn's apparently insignificant 
change in Le Chatelier's values causes the difference between 
the specific heats of carbon dioxide and water- vapour to come out 
entirely dififerent,i 0-0018T being obtained instead of 0-0008T. 
Hahn did not attempt to justify his procedure by a comparison 
of his values of the specific heats with observation at high tem- 
peratures. He was satisfied to find that the observations which 
he had made at 1205° and 1405° upon the equilibrium appeared 
less divergent when he made this assumption regarding the 
specific heats, and consequently used the formula — 

log K = -^^ - 0-0003909T + 24506 

based on it for his calculation. He obtained in this way — 

Cal. K ... 0-57 0-86 1-19 1-55 1-62 1-91 2*33 2*94 
Found K ... 0-53 0*84 1-20 1-67 (1-62) 1-96 2-13 2*49 
<°C. ... 686 786 886 986 1005 1086 1205 1405 

' This becomes especially apparent when we compute the value ot 
^ttco ) "" Ct^H 0)) as we have already done above (p. 134). According to Le 
Chatelier, its value is 0-0008T ; according to Hahn, 0-0018T. If we place as 


V • .. . 

.. 1227 

1427 

1627 

1827 

T 

. 1500 

1700 

1900 

2100 

we get — 





Le Chatelier . 

.. +1-2 

+ 1-36 

+ 1-52 

+ 1-68 

Hahn ... 

. +2-7 

+3-06 

+3-42 

+3-78 


While Le Chatelier's values uniformly accord with those of Langen, Scbreber, 
and Mallard and Le Chatelier, Hahn*s values are very diflferent, and are 
quite unconfirmed by any observation. 
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Hahn's assumption evidently does not bring observation Hahn's 
and calculation into agreement. One is therefore led to inquire J205 * and 
whether these values of Hahn cannot be otherwise explained. 1405°. 
Haber, Richardt, and AUner, who continued the study of the 
question, investigated how quickly the composition of the 
gas mixture in the water-gas equilibrium changed with 
the temperature, when it was allowed to cool without touching 
the solid walls. They found that when the temperature fell at 
a moderate rate, the adjustment of the equilibrium took place 
with sufficient rapidity above 1600°, but not below. From 
Hahn's own observation we see that platinum lowers this 
temperature of rapid adjustment to about 700°. It is certainly 
permissible to assume that the rate of adjustment on porcelain, 
quartz, and similar solid bodies would have an intermediate 
value, for gas reactions are, in general, accelerated by contact with 
hot, solid walls. It consequently seems very probable that the 
composition of the gas mixture in Hahn's experiments changed 
at temperatures above 1100° after it had left the platinum mass 
serving as a contact substance, and while it cooled off in contact 
with the quartz walls of the apparatus. Hahn did not fail to 
consider this possibility, but by observing that he obtained the 
same results with both slow and fast streams of gas, he felt 
assured that no such changes in composition took place. This 
proof is, however, not conclusive, as Nemst has shown. The 
temperature-fall in a gas streaming from a hot tube does not 
keep pace with the changing velocity of the gas's motion, but 
depends greatly on the thermal conductivity of the gas and 
the other thermal properties of the system. The only guarantee 
against a displacement of the equilibrium in cooling, would 
have been to have the gas pass directly from the glowing 
platinum into a cooled tube. A further uncertainty arises from 
the fact that Hahn used quartz vessels for his experiments, 
and this has been shown by Villard,^ by Jacquerod and Perrot,^ 
and by Berthelot^ to be permeable to hydrogen and other 
gases above 1100.° A statement of Berthelot makes this very 
plain. He says that 1 c.c. of hydrogen measured at atmo- 
spheric pressure was sealed up in a quartz tube of 5 c.c. 

1 Compt. Rend., 130 (1900), 1752. 

2 Ihid., 139 (1904), 789. 

3 Hid,, 140 (1905), 821. 
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capacity, and the tube heated for an hour to 1300°. After the 
heating, it was found that 44 per cent, of the hydrogen used 
had disappeared, while 14 per cent, of nitrogen had entered. In 
other experiments carbon heated to 1300° — 1325° in evacuated 
quartz tubes, in the air, was attacked with the formation of 
carbon monoxide, showing that oxygen had diffused through the 
quartz into the tube. Indeed, we possess no material of which 
we may construct a vessel impermeable to the components of 
water-gas at temperatures above 1200°. Platinum, like quartz, 
is permeable to hydrogen, while porcelain, according to results 
of Le ChateUer and Boudouard,^ allows perceptible quantities of 
hydrogen to pass through at 1200°, and large quantities (2 mg. 
from a porcelain vessel of 60-70 c.c. contents) at 1320°, 
according to measurements by Crafts. Besides this, porcelain, 
because of a small amount of iron oxide which it usually con- 
tains, acts chemically on the hydrogen at these high temperatures. 
But we have direct evidence against Hahn*s results above 
1086°. Haber, Eichardt, and AUner have determined the water- 
gas equilibrium in open flames, and have found values between 
1250° and 1500°, which agree throughout with Hahn's original 
calculation — 

log K = - ^^ - 0-08463 log^o t - 0-0002203T + 2-5084 

so that this must pass as a reliable determination of the 
location of the water-gas equilibrium between about 680° and 
about 1480°, or over an interval of 800°. 

In view of these results, it might be useful to give a brief 
summary of the values we should get for the equilibrium 
constant, and the change of this constant with the temperature, 
when we use other data for the specific heats than those of 
Mallard and Le Chatelier (from the crusher manometer method). 
We will therefore calculate the values of K — 

(1) Using the heats of reaction according to Berthelot, and 
the specific heat of carbon dioxide and water-vapour given 
by Langen, we assume the value of K at 986° = 1*57 as 
correct. 

(2) Using the heat of reaction according to Berthelot, and 
the specific heat of carbon dioxide and water-vapour which 

1 " Temperatures ©levies " (Paris, 1900), p. 47. 
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Schreber computed from Langen's observations, we assume 
here/as before, that the value of K = 1*57 at 986° is correct. 
From (1) we get the expression — 

2245 
log K = -^^- 0-2783 log T - 0-0000981 x T + 2-9653 

From (2)— 


2213 


+ 0-04061 log T - 0-000158T + 2*0266 


log K = - ^ 

Beside this, are arranged (3) the numbers observed by Hahn, 

(4) the values derived from Hahn*s earlier formulae, and finally 

(5) numbers computed by means of another entirely different 
formula, which will be discussed further on. This formula is — 

2116 


log K = - ^ 


+ 0-783 log T - 0-00043 x T 


t 

T 

1 

2 

3 

4 

5 

686 

969 

0-60 

0-49 

0-634 

0-62 

0-62 

786 

1069 

0-79 

0-78 

0-840 + 0-032 

0-86 

0-82 

886 

1169 

M6 

M2 

1-197 ± 0011 

1-17 

M9 

986 

1269 

(1-67) 

(1-67) 

1-571 + 0-026 

(1-57) 

1-60 

1006 

1278 



1-62 

1-66 

— 

1086 

1369 

2-04 

2-06 

1-966 

2-00 

2-04 

1206 

1478 

2-67 

2-66 

[2-126] 

2-54 

2 60 

1406 

1678 

3-69 

3-76 

'2-49] 

3-43 

3-48 

1600 

1773 

— ~ 

4-27 


— 

3 87 

1600 

1873 

4-70 

4 81 


4-24 

4-24 


We see, in the first place, that the numbers under (1) (up to 
1405*^ at least) do not materially differ from those under (4) 
and (2). The numbers under (1), however, are based on 
Langen's specific heats, which, as we saw before, are wholly 
irreconcilable with Hoitsema*s maximum. It is evident, then, 
that the observations of Harries, Hahn, Haber, Eichardt, and 
Allner do not confixm the existence of Hoitsema's maximum. 
Considered alone, however, it has no significance, and may be 
dismissed from our consideration. 

If, now, we survey the entire question, we see that the use The 
of all previously mentioned values of the specific heats in our tf^ermo- 

^ dynami- 

formula — caily 

A = Qo - (t'T/tiT - a"T2 - RTfa ^^ ^ ^^^ + const. T 


'H2 


indeter- 
minate 
oonstant 
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leads us to assume a large value for the thermodynamically 
indeterminate constant. Luggin calculates it, on the ba^is of 
Mallard and Le Chatelier's values, to be +10*725. Hahn's 
observations change this number to 11,438. With Langen's 
specific heats it becomes 13,521. Recalculation according to 
the values of the specific heat computed by Schreber makes it 
9*24. We should expect zero instead of these values. A formula 
which would give such a value is — 

A = -9650 + 1-55T/71T - 0-00195T2 - RTfa ^^'^ ^ ^^^ 

A simple transformation of this formula gives the above- 
mentioned expression, by means of which the numbers in 
the fifth column of the above table were calculated. They 
agree excellently with the observed values. The quantity 
ccog — ^H,o becomes on this basis — 1*55 + 0*00195T. This 
difference of the mean specific heats between 0° abs. and T°, 
computed as before for a series of temperatures, gives the 
numbers — 


t v>. . . . 

.. 1227 

1427 

1627 

1827 

-L • • • • 

.. 1500 

1700 

1900 

2100 

Grara-cal. . 

.. +1-37 

+ 1-76 

+2-15 

+2-54 


These numbers, both as regards magnitude and sign, are very 
close to those which we previously found from the results of 
Mallard and Le Chatelier, Langen and Schreber. Since it is 
precisely this interval (between 1300° and 1700°) which is best 
studied, the agreements of our assumption with the other 
formulse gives it added support. According to our formula, 
the sign of the difference changes at 522°. This does not agree 
with the results of Holborn and Austin and of Holborn and 
Henning. Calculation based upon their observations shows 
that the differences between the mean specific heats of carbon 
dioxide and water-vapour between 0° abs. and T° are — 


t 0. 

627 

727 

927 

T 

800 

1000 

1200 

Gram-cal. 

... +0-54 

+0-63 

+0-69 


The differences as calculated from our formula are greater 
at temperatures above, and less at temperatures below 850°. 
Yet in reality there is no contradiction between the two, for 
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1 


the measurements of Holborn and his associates did not extend 

higher than 850°, and our formula does not claim to be applic- ; 

able at any temperature below 650°. But the discrepancy 

is small between 650° and 850°, and, indeed, we shall see 

in the next lecture that we, using our formula, obtain correct 

values for the energy of formation of water- vapour from its 

elements at temperatures a great deal lower than 650°. 

There is still a word to be said regarding the heat of reaction 
Qq z= — 9650, which we have assumed. Since we maintain the 
accuracy of our formula only for high temperatures, we are no 
longer justified in using it to calculate the value of Qq. A 
correct procedure would be to first calculate the value of 
Q for say 700° C. from its value at ordinary temperatures 
( — 10,000 to — 10,100 cal.), using the formulae of Holborn and 
his co-workers. From this we could calculate Qq, using our 
expression — 1*55 + 000195T. But the heat of reaction 
changes so slowly with the temperature that for the present we 
may call Qq approximately equal to —9650 cal. When the 
equilibrium constant of the water-gas reaction and the specific 
heats of the gases taking part in it are better known, this can 
be easily corrected. Meanwhile the equation — 

A = -9650 + l-55TZ?iT - 000195T2 - ETfa ^^^ ^ ^^'^^ 

may be recommended for calculating the location of the 
equilibrium for high temperatures (above 650°). 

Another fact worthy of notice appears from Hahn's observa- 
tions. Hahn found that the equilibrium constant becomes 
equal to unity at 830°. It follows from this that carbon 
monoxide and hydrogen are equally strong reducing agents, and 
carbon dioxide and water- vapour equally strong oxidizing agents, 
at this temperature. At lower temperatures carbon monoxide, 
at higher temperatures hydrogen, is the stronger reducing agent. 

Eeviewing now the cases discussed in this lecture, we see Conclud- 
that it is possible to consider the thermodynamically indetermi- J^fp^^" 
nate constant as equal to zero without in any way conflicting with 
the facts. Our conclusion is not, however, a rigorous one, for we 
have everywhere found great uncertainty regarding the specific 
heats. Now, only the logarithms of the ratios of the concentra- 
tions enter into our equation, while the specific heats appear as 

L 
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multiples of their diflferences. That is, in the expression for 
R/?iK we have J multiplied by the factor ZwT, and <r" multi- 
plied by the still much larger factor T. Two observations 
may be made in this connection. 

If we consider adherence to the equation jw> = ET as a jBrst 
criterion of an ideal gas reaction, and the equality of the specific 
heats and their constancy with the temperature as a second, 
then we should expect that the ordinary gas reaction would 
satisfy the first much better than the second criterion. For 
the logarithm of a ratio is but slightly aflfected by small changes 
in the separate quantities, while the mvitiple of a difference is 
very sensitive to any such changes. It follows from this that 
the study of chemical equilibria at high temperatures offers 
much better conditions for the accurate determination of the 
specific heats of gases at these temperatures than does either 
the acoustic or the calorimetric method. This fact is also of 
importance in comparing the results of Bodenstein's study of 
the hydriodic acid equilibrium with the acoustic ineasurements 
of Strecker. To be sure, we only get the difference of the 
specific heats from such equilibria measurements. But the 
study of dissociations where a single gas is in equilibrium 
with solids allows us, as was shown at the end of the last 
lecture, to find the specific heats of many gases provided we 
know the specific heats of the solid substances and the dissocia- 
tion pressures. Thus carbon dioxide could be studied in the 
dissociating carbonates, hydrogen in hydrides, nitrogen in 
nitrides, and oxygen in oxides.^ 

^ The phenomena of " aging " shown by many substances at ordinary 
temperatures (see, for instance, Haber and van Oordt, Z,f, anorg, Chem.y 38 
(1904), 378) might very considerably complicate these dissociations at high 
temperatures. This view has been especially emphasized by Wohler (Z,f, 
Medrochemie (1905), 836), who investigated the dissociation of the palladium 
oxides. See also in this connection Joulin^s experiments with the carbonate 
of manganese, Ann, Chim. Fhys,, (4) 30 (1873), 277. 


FIFTH LECTUEE 

SOME EXAMPLES OP REACTIONS INVOLVING A CHANGE IN THE 

NUMBER OF MOLECULES 

The second class of reactions, that is, reactions where Sv' is not 
zero, but where instead the number of molecules changes 
during the reaction, also requires a brief preliminary discussion. 
Since pressure is here the governing factor, we shall use partial 
pressures in our equations in accordance with our previous dis- 
cussion (p. 52). This usage is not the general one. Following 
Le Chatelier and Planck, it has been usual to employ so-called 
"numerical concentrations." These are identical with the 
partial pressures when the total pressure is one atmosphere. 
At other pressures they are equal to the quotient of the partial 
pressure over tiie total pressure. If we call the numerical 
concentrations c, then, taking as an example the formation of 
carbon dioxide — 

— PCO2 - Pco 1— PO2 

C002 == p ' ^co =^, and cq^ =^ 
and so — 

PCO2 _ CC02 X P ceo 


=- X 


Pco X ph^ Ceo X P X (C02 X P)* Ceo X ^2 \/P 

where P signifies total pressure. 

If now we write the expression for the energy of the 
formation of carbon dioxide, using numerical concentrations,^ 
we get — 

A = Qo - <T'pTlnT - a"T2 ~ BTfa , ^^^ ^ X -i-+ const. T 

Ceo X cj,^ v^P 

1 Planck's definition of equilibrium says ('* Thermodynamik," 2nd edit. 
(1905), para. 241)— 

_»/ /Tv. + »'//+ ... —5, 

cp.x cf*" . . . = al-\ xe ^ x T* 


148 THERMODYNAMICS 

or — 

A = Qo- a'pT/wT - a'T2 + ET/nP* - BT/ti - ^^^'- + const. T 

Ceo X 4a 

The result simply is, as we see, that the effect of pressure finds 
a particular expression in the term ETZnP*, while in our usual 
notation — 

A = Qo - a' T/riT - (r"T2 - BTfa ^^^ , + const. T 

nothing is specially emphasized. No use will be made of this 
rearrangement in what follows. 

After a short preliminary discussion concerning compounds 
of oxygen and nitrogen, we shall consider in detail five reactions, 
namely — 

If we take the logarithms of this expression, we obtain our formula — 

Here^ represents the total pressure, and maybe combined with the numerical 
concentrations, when we obtain — 

= ?wa + 2i/7wT - ^v'ln^' - ^ + c?nT 

Here ^ represents partial pressure, and %i,'ln'p' the equilibrium constant K|). 
Planck defines (-5) as ^and ("^) ^^ f^^* j in our notation. Substituting, 
we get — 

But— 

Substituting this in the above equation, and multiplying by RT at the same 
time, it follows that — 

= Qo - <r'„T?wT - RT5i'7wy + (RZna)T 

The equation then has exactly the same meaning as ours. A is given the 
particular value applying to the equilibrium condition, and a" is considered 
as negligible. Then, too, in place of our constant, there is an expression RZitd, 
where a is also a constant chosen chiefly for convenience in calculations. 
Planck in general omits to consider the differences in specific heats at constant 
volume, and thus assumes that the heat of reaction at constant volume does 
not change with the temperature. The " dictate of experience that an element 
has the same specific heat in its various compounds ^' is considered by Planck 
himself as merely a first approximation (2.c., para. 51). For the history of 
this principle see p. 66, 
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1. The formation of carbon dioxide from carbon monoxide 
and oxygen. 

2. The formation of water from its elements. 

3. Deacon's process for the manufacture of hydrochloric acid. 

4. The formation of sulphur trioxide from sulphur dioxide 
and oxygen. 

5. The formation of ammonia from its elements. 

The formation of nitrogen tetroxide from nitrogen dioxide is Nitrogen 
a frequent text-book example of an equilibrium with an unequal a^^JJitro. 
number of reacting molecules. It has been studied by Playfair gen 
and Wanklyn,! by E. Muller,^ by Deville and Troo3t,8 by Ed. *«*^o^id«- 
and Lad. Natanson/ by Nauman,^ and by von Salet.® Gibbs,'' 
Boltzmann,^ van't Hoff,® Swart/® and Schreber/^ have treated 
the case mathematically.^^ 

This intensive treatment has been of great importance in 
the historical development of the theory of gaseous chemical re- 
actions. We must, therefore, at least mention it, although our 
treatment must be very brief, as it does not immediately 
concern us at present. We shall make use of the data for the 
equilibrium constant which Schreber ^^ has critically computed 
from the experimental results of the Natanson brothers. 

^ Ann, Chem» Fharm.j 122, 245. 

2 Ibid., 122, 1. 

3 Compt. Bend., 64, 237 (1867) ; comp. also Bed. Ber. (1878), 2045. 
* Wied, Ann., 24, 454 (1885), and 27 (1886), 606. 

^ Ann. Chem, Fharm. (1868) ; suppl. vi. 205. 

« Compt. Bend., 67, 488. 

"^ " Thermodynamische Studien," translated into German by Ostwald, 
p. 210 (Leipzig, 1892). 

8 Wied. Ann., 22, 72 (ISSi). 

^ " Studien zur chem. Dynamik," von van't Hoflf-Cohen (Leipzig, 1896), 
p. 156. 

w Z.f. phys. Chemie, 7, 120 (1891). 

11 JW(i.,24(1897), 651. 

^ Comp. also Nernst, " Theoret. Chem.," 4th edit., p. 437. 

13 Schreber makes use of another definition of the equilibrium constant 
than we have chosen. His refers (1) not to formation, but to decomposition ; 
(2) not to I mol N2O4, but to one mol ; (3) his unit of pressure is not an 
atmosphere, but a millimetre of mercury. Our equilibrium constant, there- 
fore, bears the following relation to his : — 


"Vi^ 


rr , 760 

^P _ _ 

(Schr.) 


ISO 
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We see, in the first place, that to the reaction — 

NO2 <> iN204 

corresponds the equilibrium constant — 


K. 


^PJkoi 


i>KOs 


Eqniii- This cau be calculated from measurements of the density of 
stantfl for ' the gaseous mixtures, since this increases as the formation of 
the fonna- nitrogen tetroxide progresses.^ 
nitrogen The following table was so obtained : — 

tetroxide. 


OC. 

T 

8-06 

RMK,, 

0-0 

273-0 

4-132 

18-3 

291-3 

3-71 

2-598 

49-9 

322-9 

1116 

0-218 

73-6 

346-6 

0544 

-1-207 

99-8 

372-8 

0-273 

-2-568 


We can easily calculate the degree of dissociation at a given 
total pressure P of the mixture from the equilibrium constant 
K^, if we remember that the total pressure is simply the sum 
of the partial pressures — 

We can further see that if x represents the degree of dissociation, 
1 — a? is the fraction of the mols of tetroxide originally present 
still unchanged, and 2x the number of mols of dioxide which 
has been formed. The total pressure is therefore exerted by 
(1 — a;) + 2a?, that is 1 + a? mols. The partial pressure Pno, is 
exerted by 2x mols of NO2, and the partial pressure PnsOs is 
exerted by (1 — xj^^^. But since the partial pressure bears 
the same ratio to the total pressure as the mols of gas 
producing it do to the total number of mols, it follows that — 


j^yo2 _ 
P "" 


^and^;^^ = J-:^ 
1 + a; P 1 + a? 


^ For the relation of partial pressure and density in this case, see Nemst, 
" Theor. Chemie,'' 4th edit, p. 437. 
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The equilibrium constant is then represented by — 

1 + x 

So nitrogen peroxide is, for instance, half dissociated Degree of 
(a; = 0*5) under atmospheric pressure when the equilibrium ti^^r 
constant has the value 0*865, that is, according to the. table, at nitrogen 
about 64° C. If we based our table on other measurements of ^ ^^^^ 
density, we should get slightly different numbers. Thus, 
according to Deville and Troost (Lc.) the half-dissociated stage 
is reached somewhat sooner, since according to them 52*84 per 
cent, {x = 0*5284) is dissociated at 62°. The equilibrium constant 
decreases rapidly with rising temperature. The degree of dis- 
sociation thus approximates nearer and nearer to unity. But 
the formula shows that it can never reach this value, since 
otherwise (at finite pressure) the equilibrium constant would 
acquire the impossible value of zero (InKp = — oc ). Yet the 
dissociation has progressed so far at 150° that we may consider 
it as practically complete. Only under tremendously high 
pressures can t^troxide exist above 150° in qucmtities worth 
mentioning. 

Let us now proceed to the application of our general formula 
to this case. Omitting the term a"T^, which always has small 
values at low temperatures, and of whose existence the 
measurements give us no hint, we get — 

A = Qo - a'TlnT - HTln^^ + const. T 

At the equilibrium A becomes equal to zero, and the equilibrium 
constant is to be substituted in the logarithmic term for the 
ratio for the partial pressures. We then obtain — 

BlnKp ^Y" "^'-P^^^ + ^^^®^- 

As a first approximation we may assume that the specific heats 
at constant volume of NO2 and JN2O4 are identical. At constant 
pressure the former would be greater by E and the latter by JR 
than at constant volume. The difference o-'p would therefore have 


152 


THERMOD YNAMICS 


the value -x, or about !• Schreber computed the former at 

Planck's suggestion, making this assumption. He found in this 
way that CJo = 6566 cal. The heat of formation of \ mol N2O4 
from 1 mol NO2 at constant pressure would therefore be 
6860 cals. at ordinary temperatures. Actual calorimetric 
measurement gave the smaller number 6450 cal. 

If we insert in our formula the value 6566 for Qo and -k 

for Jpy we get a very large value for the constant, namely 
— 14-3. The assumption that a\ equals zero, which is 
responsible for this large value, is, however, an improbable 
one. Experience has shown us that the specific heats of 
condensed gases at constant volume are generally smaller 
than the sum of the specific heats of their components. This is 
evident from the following examples taken from a compilation 
in Berthelot's Thermochimie (all the values refer to ordinary 
or slightly elevated temperatures) : — 


CO + JOa 
H, + iO, 
iN, + 311, 


True specific heats 
of the components. of the compoond* 


Const, pressure. 


6-83 + 3-41 


CjIIj + BrH ... 


10-24 
6 82 + 3-41 

10-23 
3-42 + 10-23 

13-65 
9-7 + 6-64 

16-34 


Const, vol. 


7-26 

7-25 

9-69 

12-37 


Const, press. 


Const, vol. 


8-69 
8-05 
8-51 
12-1 


6-01 
6-67 
6-53 
10-3 


It is therefore easy to believe that the specific heat of nitrogen 
dioxide at constant volume perceptibly exceeds that of \ mol 
of nitrogen tetroxide. 

According to the Natanson brothers, we may take 1*31 as 
the ratio of the specific heats of NOs at constant pressure and 
constant volume. It follows from this that the specific heat at 
niSwen^^ constant volume amounts to some 6*4 per mol NO2. It is then 
tetroxide. very like that of carbon dioxide and water-vapour. If we 


Bifferenoe 
of the 
Bpeoiflo 
heats in 
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estimate the specific heat of the tetroxide at constant volume 
as about the same as that of ethylene bromide, that is about 10, 
then the difference of the specific heats of 1 mol 1^02 and J mol 
N2O4 at constant volume should be 1*4, and at constant pressure 
2*4. If, then, we put the difference a'j, = 2*4, it follows from 
the experimentally determined values of the heat of reaction 
at ordinary temperatures (Qt = 6450) and constant pressure 
that Qo = 5730 cal, and we obtain — 

5730 


l&ln'Kp = 


T 


- 2-4/7iT + const. 


It is easy to show that the assumption of the small value — 36 
for the constant will now yield values of ETZ?iKp concordant 
enough with the value in the table. We thus obtain — 


OC. 

R/nK„ 
according to 
earlier tables. 

R/nKp 
calculated. 

0° 
18-3 
49-9 
73-6 
99-8 

4-213 

2-698 

0-218 

- 1-207 

-2-568 

4-00 

2-46 

0-28 

-1-11 

-2-44 


We could not expect a more precise argument, because in the 
temperature interval we are considering the gases are very near to 
their point of condensation. Indeed, nitrogen peroxide liquefies 
at ca. 25° under atmospheric pressure. The maximum work, as 
well as the specific heat, agrees only roughly with the funda- 
mental laws in the neighbourhood of the condensation point.^ 

This case is typical from a chemical point of view with Cases ana- 
a whole series of other reactions. However, they can hardly that^f 
be called real gas reactions, although they may be treated nitrogen 
according to the same principle. I may mention the formation 
of the " addition product," methylether hydrochloride. 

^ If we attempt to calculate the velocity of sound in this gaseous mixture 
on the basis of our assumptions regarding specific heats, we get results entirely 
at variance with the experimental values obtained by the Natanson brothers. 
Indeed; we should not expect an agreement in the light of the above con- 
sideration. Swart (?.c.) treats this case without the use of the fundamental 
gas equations. 
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H 

HCl + CHs-O-CHs = CHs - - CHa 

I 
CI 

Friedel ^ has studied the dynamics of this reaction experiment- 
ally, and Wegscheider^ theoretically. Phosphorus pentachloride,^ 
ammonium chloride, and ammonium carbamate all dissociate 
readily when heated, and therefoi-e also belong to this class. 
These cases are generally explained by assuming the breaking 
of weak, but real, bonds between the phosphorus trichloride and 
chlorine, the hydrochloric acid and the ammonia, and between 
the carbamic acid and the ammonia. Where such an assump- 
tion does not agree with the current conception of valence, as 
in the case of acetic acid, which, like nitric oxide, shows a 
marked tendency to polymerize* just above its boiling-point, 
** Molecu- " molecular compounds " are assumed. Other explanations are 
pounds. ' sometimes made use of, and oxygen furnishes us an illustra- 
tion of this. As long as the idea of divalent oxygen was adhered 
to, the hydrochloride of methylether was called a molecular 
compound. But now it is considered to be a salt of hydrochloric 
acid and methylether, since von Baeyer and Villiger ^ have raised 
the idea of a tetravalent oxygen to the rank of a principle. 

In the final analysis the question depends fundamentally 
on the equilibrium constant. If the equilibrium constant of 
a substance at ordinary temperature is as a rule rather large 
in its divalent condition, but small in its tetra- and hexavalent 
condition, then the latter is difficult to prepare and of limited 
stability. When we do get such a compound it is spoken of as 
a molecular compound, in order not to conflict with the simple 
divalent idea. The heat of reaction has a determinative influence 
on the magnitude of the equilibrium constant at low tempera- 
tures, because the terms (jplnT and a'T in our formula do not 

1 Friedel, Bullsoc. chim,, 24, 160, and 241 (1875). 

2 Wegscheider, Sitzungsher, Wiener Akad,^ 108 (1899), p. 119. 

3 For a historical and mathematical treatment of this case see Wegscheider, 
Wimer Akad., 108 (1899), p. 76. 

^ For data and calculations see Nemst, '* Theoret. Ghem.,** 4th edit., p. 
480. 

6 JSerl Ber,, 34 (1901), II. 2680. 
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become laige till high temperatures are reached. Actually, then, 
we only consider substances to be molecular compounds when 
their formation is accompanied by a small evolution of heat. 
Thus any sharp division into real and molecular compounds is 
a thoroughly arbitrary one. 

In this connection the case of nitrogen tetroxide gives 
occasion for yet another observation. The dioxide formed by 
the dissociation of the tetroxide can itself dissociate farther into 
nitric oxide and oxygen. The equilibrium constant for the 
formation of tetroxide is very small, even at 150°, and the 
tetroxide is therefore almost wholly dissociated. The equi- 
librium constant of the reaction — 

NO + O^NOa 

on the other hand, is still large at this low temperature, and the Nitrogen 
dioxide is consequently stable. Eichardson's ^ measurements of 
the vapour densities of nitrogen dioxide furnish a basis for 
evaluating a formula for this reaction similar to that just used 
in the case of the formation of dioxide from tetroxide. The 
dissociation of the dioxide amounts to only 5 per cent, imder 
atmospheric pressure at 184°, while at 600° under atmospheric 
pressure it is practically complete. 

We recognize in its much higher heat of formation the chief 
reason for the stability of the dioxide. The heat of formation 
of 1 mol NO2 from NO + O amounts indeed to 13,100 cal. at 
ordinary temperatures. 

One might now conclude that nitric oxide, too, would Nitric 
decompose into nitrogen and oxygen at still higher tempera-^ ®* 
tures. But that is not the case ; for, as we saw in the preceding 
lecture, the equilibrium constant of the formation of nitric oxide 
from the elements is very small at 1800°, and decreases from 
there on. 

Nitric oxide is therefore stable below 1800°, simply because 
the velocity of its decomposition is extremely small. If the dis- 
sociation of nitric oxide did not have such a specifically small 
velocity even at the most intense white heat, nitrogen tetroxide 
when heated would not decompose into nitrogen dioxide, and^this 

1 Journ. Ohem. Soc,, 61 (1887), 397 ; and Nernst, " Theoret. Chem.," 
4th edit, p. 438. 
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in turn into nitric oxide, but both would dissociate directly into 
the elements. 
Nitrons Finally, nitrous oxide, like nitric oxide, is certainly stable 

oxide. ^^ jjjgi^ temperatures. Like nitric oxide, too, its formation at 
ordinary temperatures is accompanied by a large absorption of 
heat ( — 18,500 cal. per mol NOg at constant pressure). Yet we 
know that at 900° it is almost completely dissociated into its 
elements.^ Perhaps the temperature in which it can be formed 
from the elements to any considerable extent lies very much 
higher, and it would be interesting to determine whether it 
too is formed when nitric oxide is produced in the electric arc. 
Case I. The discussion of those cases which are of more immediate 

tion of interest to us may well be opened by a consideration of the 
carbon dissociation of carbon dioxide. 

Sixteen years ago Le Chatelier ^ made certain calculations 
concerning this reaction, in the course of which he derived a 
table of the degrees of dissociation of carbon dioxide. The table 
has become widely known in scientific literature because of the 
convenience with which it can be used. Its experimental 
basis ^ consists of three sets of observations — Deville's analysis 
of dissociated gases ; Mallard's and Le Chatelier's measurements 
of the explosion pressures developed when carbon monoxide and 
oxygen unite in closed vessels; and density determinations of 
carbon dioxide at high temperatures. 

Le Chatelier (/.c.) states that H. St. Claire Deville found, 
with the help of his " cold-hot " tube, that carbon dioxide is 0*002 
dissociated at ca. 1300°. Deville's " cold-hot " tube * was simply 
a porcelain tube through which a brass tube filled with flowing 
water was inserted. The porcelain tube was heated from without, 
the gas being contained in the annular space between the two 
tubes. Deville was able by means of this simple and elegant 

^ Victor Meyer and Langer, " Pyrochemische Untersuchungen. Con- 
cerning its behaviour at 520*^ see Berthelot, Qomp. Eend.^ 77 (1873), 1448; 
Bull 8OC. chim. (2) 26, 191. 

2 Ann. des Mines, (viii.) 13 (1888), 274; Z. f.phys. Chemie, 2 (1888), 
782 ; Nemst, " Theoret. Chem.," 4th edit., p. 443. 

3 Trevor and Kartright's discussion of this matter was not available to me 
in the original {American Chem, J<mrn.j 16, 782). For the use of Le Chate- 
lier's numbers in calculating the oxy-hydr(^en cell, see Preuner, Z./.^Ay«. 
Chemie, 42 (1902), 50. 

* Ann, Chem. Pharm., 136 (1865), 94. 
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device to detect qualitatively, not only the dissociation of carbon 
dioxide and ammonia, but also of carbon monoxide,^ HCl and 
SO2, at temperatures which could hardly have exceeded 1300°, 
The arrangement is not suitable for quantitative measurements, 
Deville determined the dissociation quantitatively by a different 
method. He placed a porcelain tube filled with porcelain chips in 
a wider porcelain tube, fitted this in turn inside a still wider iron 
tube, and then covered the latter with a layer of clay. He heated 
the whole to a temperature which he did not measure, but which 
he estimated with his eye to be about 1300°. A rapid stream of 
carbon dioxide was kept passing through the inner tube and into 
a solution of potassium hydrate : 7*83 litres of carbon dioxide 
were passed through the tube in an hour. After absorption in 
the caustic potash a gaseous residue of 20-30 c.c. remained, 
which contained on the average 30 per cent. O2, 62*3 per cent. 
CO, and 7 per cent. N2. If the same stream of carbon dioxide 
were passed directly into the caustic potash without traversing 
the heated tube, 1*4 c.c. of a gaseous residue was obtained in 
the same time, consisting of 14 per cent. Ng and 86 per cent, of 
O2. We conclude from this that 12 to 20 c.c. out of the 7'83 
litres of the carbon dioxide was dissociated. This corresponds 
to a dissociation of between 00015 and 00025, or in round 
numbers of about 0002. Le Chatelier evidently had this ex- 
periment in mind in making the above statement. But Deville 
himself remarked that perhaps the dissociation came out too 
small because of a recombination of the gases as they cooled. 
Besides, it is impossible to say whether the temperature in the 
inside tube was really as high as 1300° or not, for the double 
porcelain pocket must have been a poor conductor of heat, and 
the gas stream was rapid. In any case, we may consider 0002 
as a minimum value of the degree of dissociation at 1300°. The 
equilibrium constant of the reaction — 

CO + iOa ^ CO2 
would therefore be at 1300° (1573 abs.)— 

^.0 +pU " "^ ^ 0-002 + 0001* ' •'•'• ^'^^ ^ ^^' 

1 Ann, Chem. Pharm., 134 (1865), 124. 
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Deville'8 We have Deville to thank for another much more original, 

me^t"wUh ^^*' ^^ ^^ ^^® ^™® much less accurate, measurement of the 
the flame, degree of dissociation of carbon dioxide. Deville produced, as 
it were, a continuous carbon monoxide explosion by allowing a 
stream (47 c.c. per second, or 170 litres per hour) consisting of 
64*3 per cent. CO, 33'3 per cent. Oa, and 2-3 per cent. N2 to issue 
from a burner having an opening 5 sq. mm. in cross-section, and 
then igniting it. It formed a conical flame 10 mm. high, whose 
base was the aperture of the burner, and whose surface represented 
the reaction zone. . An aureole extended above this, decreasing 
in brightness with the height and consisting of the escaping 
reaction products of the inner cone, mixed with the outer air, 
and thereby cooled as well as completely burned. Thus the 
whole flame was some 67 to 70 mm. high. Deville inserted a 
thin-walled silver tube of about 1 cm. bore into this flame, and 
sucked water through it. At one place on the tube there was a 
hole 0*2 mm. in diameter. The tube was so placed that the hole 
came precisely in the vertical axis of the flame and pointed 
downwards. The suction prevented water leaking out of the 
hole, and at the same time sucked gas in. This gas was very 
suddenly cooled by the water, carried along by it, and collected. 
The carbon dioxide was then removed by caustic potash, and the 
residual gas analyzed. The results were as follows. Visual 
observations of the temperature are appended. 


Height 

above 

mouth of 

Composition of the gaseous 
product. 

Temperature. 

burner 
in mm. 

CO 

0, 

N, 


671 
54 
44 
35 
28 
18 
15 
12 
10 2 
103 


0-2 
6-2 
10-0 
17-3 
19-4 
29-0 
40-0 
47-0 
55-3 
65-1 
64-4 

21-3 
28-1 
20-0 
24-8 
26-5 
25-1 
32-9 
36-0 
35-3 
36-5 
33-3 

78-5 

65-7 

70-0 

57-9 

54-1 

45-9 

271 

17-0 

9-4 

8-4 

2-3 

Melting point of silver and higher 

» )) gold 
Platinum almost white hot 

„ white hot 

„ a brilliant white 

„ blinding white 

„ begins to melt 

„ melts 

„ „ quickly and sublimes 
Very hottest point 
Initial gas 


Edge of flame. 


2 Near the top of the inner cone. 
3 Top of the inner cone. 
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Deville considered that at the hottest point the gases were at 
most not more than two-thirds combined. 

These experiments form a beautiful qualitative illustration 
of the strong dissociation of gases at very high temperatures 
and their recombination during cooling. But their quantitative 
value is slight. Deville mixed nitrogen with his initial gases 
in order to estimate the progress of the carbon dioxide forma- 
tion from the increase of nitrogen as the tube was placed 
higher and higher above the mouth of the burner. In principle, 
the admixture of air above the cone does not cause any dis- 
turbance, because we may consider the gases sucked off as a 
mixture of air and (partially) burnt original gas, and calculate 
from the known composition of both, the amounts of each 
component present. Yet actually we are unable to get any 
useful results from this sort of computation. Even at the 
hottest point, where no outer air is supposed to have entered, 
we find that — 

From 100 vols, of initial gas mixture | ^,^ ^^ 33.3 ^ g^ N, 

containing J 

27-4 vols, of the final gas mixture | ^g.^ ^^ ^q.^^ ^.^^ 
were formed, containing .... J 

And there had therefore been con- 
sumed 


I 49-3 CO 23-3 02 


The amounts of carbon monoxide and oxygen which disappeared 
must stand in the stoichiometric ratio of 2 : 1, which, as we see, is 
only approximately the case. In a repetition of the experiment 
it would seem advisable to let the flame strike into the cavity 
of a doublt-walUd cooling tube in order to prevent the analytical 
uncertainties arising from the different solubilities of the 
gaseous constituents in water, which prevented Deville from 
making any determination of the carbon dioxide. Since the 
initial gas mixture brings with it all the oxygen needed in the 
combustion, it would also seem advisable to entirely exclude 
the external oxygen, as, for instance, Haber, Eichardt, and AUner 
have done. Further, the tube for removing the gases from the 
flame should have more favourable relative dimensions, so that 
the little flame should not be too greatly deformed by the thick 
cooling tube. Still, from the gases which Deville removed 
from the hottest part of the flame, we conclude that some 48 
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vols, of CO2 [mean of 493 and 2 (23'1)] are present with 
151 vols. CO, 100 vols. O2, and 2*3 vols. Ng. If we assume 
that this composition represents the equilibrium condition, 

TC - i^co. ^ 0-637 _ g.y 

i?co X v%^ " 0199 X 0133* " ° 

Le Chate- Le Chatelier concluded from Deville's experiments that the 
re«tfding** ^l^gTB® ^f dissociation of the carbon dioxide at the hottest point 
DeviUe's of the flame amounted to — 

experi- p^ 

mentB. ^^ — O'-d- 

CO + OOa ~ 

giving an equilibrium constant of 367. It is, indeed, very 
difficult to fix on any exact value of the (assumed) equilibrium 
in Deville's experiments. That Le Chatelier had no better data 
at his disposal on which to base his calculations of the dissocia- 
tion, illustrates the paucity of our knowledge in this field. 

Yet the uncertainty regarding the value of the equilibrium 
constant itself is even less than the uncertainty regarding the 
temperature at which the equilibrium was established. Deville's 
statements about the temperature at various heights places us 
in a most difficult position. In the upper parts of the flame 
where the temperatures are estimated with some definiteness, 
we are sure that there is no equilibrium, for the reaction 
velocity is not sxifficiently high.^ But in the lower parts of the 

1 We know, for instance, that gold melts at 1065° + 10° according to 
the critical discussion of all measurements given by Le Chatelier and 
Boudouard [" Temperatures ^lev^es," (1900), p. 81]. If, then, at the melting- 
point of gold there was observed to be present 6*2 pts. of CO, 28*1 pts. Og, 
and 657 pts. Ng, this indicates that the dissociation is greater at this tempera- 
ture than Deville found it to be in his previously mentioned experiments at 
1300°. If we overlook the oxygen for a moment, and only observe that in 
the initial gas 64*4 c.c. CO was present to every 2*3 pai*ts of Ng, while at the 
point under discussion (54 mm. from the mouth of the burner) there is but 
0*218 c.c. CO, we see that more than 64*182 c.c. COg cannot be present besides 
this 0*218 c.c. CO. Actually the amount of carbon dioxide must be much 
smaller, because, as the high content of the oxygen shows, a large part of the 
nitrogen comes from the air. Yet 0*218 c.c. CO to 64*182 c.c. COg would be 
more than would be possible according to Deville's results in his experiments 
with porcelain tubes, especially in the presence of much oxygen. It is not 
to be wondered that the equilibrium cannot keep pace with the falling 
temperature in the upper parts of the flame, when we remember that the 
flame-gases must have a velocity of about 10 m. per second at the mouth of 
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flame where the reaction velocity is probably great enough, the 
statements are not sufficiently precise to permit us to estimate 
the temperature with any accuracy. 

To fill this gap, Le Chatelier made use of some explosion MaUard 
experiments which Mallard and he had carried out . with *"^ ^® , 
mixtures of carbon monoxide and oxygen. As mentioned in explosion 
the previous lecture, they exploded these mixtures in closed ®^P®J^- 
vessels, and measured the pressures developed by means of a 
registering manometer. In a series of six experiments they 
were able to depress the temperature of the explosion to as low 
as 2000° by the addition of large amounts of carbon dioxide. 
The addition of carbon dioxide also had the effect, through its 
mass action, of driving back to a minimum slight dissociation 
of the carbon dioxide already present. From these experiments. 
Mallard and Le Chatelier obtained 13*6 as the mean specific 
heat of carbon dioxide between 0° and 2000°, and by combining 
this value with Eegnault's values at ordinary temperatures, 
they got the experimental formula for the specific heat of carbon 
dioxide given in the previous lecture. We will explain the 
relation between the maximum explosion pressure and the 
specific heat a little more minutely. If at. the temperature The rela- 
Ta for every § mol of carbon monoxide and every \ mol oi^ 
oxygen, z mols of a foreign gas are forced into the bomb, then exploeion 
after the combustion there will be left § mol of carbon dioxide aJJ^*^® 
for every z mols of the foreign gas. If the pressure of the gas explosion 
before the explosion is jpa, then after the explosion, and after all i^^^' 
the heat generated has been dissipated, the pressure will be — 

i + z 

the burner to permit a consumption of 47 c.c. a second. In the flame itself 
the cross-section of the hot mass is greater, but the volume, too, is much 
greater because of the higher temperature, and the air carried along with it 
increases it further. The velocity will therefore be of the same order of 
magnitude as at the mouth of the burner. Now, since the temperature in 
Deville's flame evidently decreases hundreds of degrees per cm. rise, the 
equilibrium constant would have to. change enough to correspond to a 
temperature change of several hundred degrees in a thousandth part of a 
second. According to the experience of Haber, Richardt, and Allner, this 
cannot safely be assumed to take place at a temperature beneath 1600°. It 
may be that the reaction velocity of the formation of CO2 is much higher than 
that of the water-gas reaction. But near the melting-point of gold both reactions 

are certainly slow. 

M 
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If the maximum pressure V was attained ^ during the explosion, 
then — 

where Te signifies the maximum temperature. Thus we find — 

T— ^ — _T -*• t" ^ /"I \ 

€ "■" "■" -"-CI o • • • • • l-L/ 

i? Pa f + « ^ ^ 

On the other hand, the quantity of heat Q is set free in the 
formation of § mol CO2 from the § mol CO and ^ mol O2, and 
this heats the f mol CO2, together with the z mols of the 
foreign gas, from Ta to T«. This yields the equation — 

f Q = {y, + zc\){T, - Ta) 

c\ is here the specific heat of carbon dioxide, and c'\ that of 
the admixed foreign gas. If this foreign gas is simply carbon 
dioxide, as it was in Mallard and Le Chatelier's experiments, 
the equation simplifies to— 

IQ = (I + ^K(Te - Ta) . . . . (2) 

Taken with (1) this equation permits us to evaluate Te and c^. 
The specific heat c», deduced in this way, is the mean specific 
heat per mol CO2 at constant volume between the temperatures 
Ta and Te. 

Mallard and Le Chatelier carried out four other experiments 
at temperatures where the dissociation had become perceptible. 
In one they added a given relatively small quantity of carbon 
dioxide as a foreign gas, in a second they added carbon 
monoxide, and in a third nitrogen. In a fourth decisive 
experiment they took pure carbon monoxide and oxygen in 
equivalent amounts, no foreign gas being present except 1*2 
vol. water-vapour to every 100 vols, of the explosive mixture. 
At these temperatures, the calculation is somewhat diiBferent. 
Only the fraction x of one volume of the explosive mixture 

^ More accurately, we cannot call the observed maximum pressure the 
real maximum pressure without making a correction for tliat little heat which 
is radiated to the walls of the vessel during the combustion. Mallard and 
Le Chatelier estimated this correction in a very roundabout way to be 4 per 
cent. The highest pressure observed, increased by 4 per cent, then repre- 
sents the maximum pressure P used in the above questions. Fliegner 
believed this correction to be an entirely mistaken one (see his criticism 
previously mentioned, p. 123). 
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now combines at the highest temperature, while 1 — a; vol. The 

remains dissociated. If we imagine the gas to be cooled down J^^^^e^ 

to Ta° without any change in the degree of dissociation, then the explosion 

pressure p after the explosion is now connected with the initial ^^^^^ 

pressure by the equation — degree of 

1 + » - iaj diBSOcia- 

^ ^ 1 + » 

This follows from the fact that if %x mols of carbon monoxide 
plus ^ mol of oxygen disappear, f mol carbon dioxide is formed. 
The relation of maximum pressure to majpnum temperature is- 
then given by — 

'"'ypa ""l + Z^ix • • • • i^^^ 

and the equation connecting the quantities of heat becomes — 

§xQ = {(1 - x)c,' + zc," + |aJc;"}(T, - Ta) . (2a) 

Here cj is the specific heat of the explosive mixture of carbon 
monoxide and oxygen, c,," the specific heat of the foreign gas, 
and cj" the specific heat of carbon dioxide, all between the 
temperature Te° and Ta°, and at constant volumes. Knowing 
cjf Cv', and c„'", we can calculate the value of x, the " degree of 
the combination " of the carbon monoxide and oxygen.^ 

When Mallard and Le Chatelier came to make their calcu- 

1 This, however, is by no means unconditionally true. If we combine 

P 
equation (la) and (2a), then, knowing 2, — , T„ Q, and the specific heats, we 

obtain a cubic equation for T,. But this cubic equation does not always have 

a root which will satisfy (la) and (2a). The following is an illustration of this. 

In Mallard and Le Chatelier's final experiment was « (water- vapour) = 0*012, 

p 

— = 9*95, and T, = 273. If we call Q at ordinary temperatures equal to 

68,000, and introduce the specific heats at constant volume between 0® and <% 
as determmed by Mallard and Le Chatelier in their experiment with the 
crusher manometer, 

cv (permanent gas) = 4-76 + 0*00122* 

c, (H2O vapour) = 5*78 + 0*00286* 

c (carbon dioxide) = 6*5 + 0*00387* 

we get the cubic equation for Centigrade temperatures: 

*3 _ 1156.7*2 - 24,743,970* + 62,507,297,500 ;= 

One will try in vain to find a value of * which will satisfy tliis equation* 
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lations, they were apparently confronted with a serious difficulty. 
Their experimental formula for the mean between 0'' and 2000° 
specific heat of carbon dioxide, based on the above-mentioned 
data of Eegnault and Wiedemann at ordinary temperatures and 
on their own " undissociated explosions'* at 2000°, was their 
sole means of calculating the specific heat at these very much 
higher temperatures. That is, they must extrapolate without 
having a sufficiently precise basis to work from. They dis- 
cussed no less than five possible formulae^ for the mean 
specific heat of carbon dioxide between 0° and f at the constant 
volume. These were — 

6-3 + 0-00564^ - 000000108^2 
6-3 + 0-006^ - 000000118^2 
6-26 + 0-00367^ 
4-74 X (T X 10-2)i 
4-33 X (T X IQ-^f^'^ 

They chose the last. 

Since the amount of water-vapour present was small, it 
mattered little what value was selected for its specific heat. The 
specific heat of the carbon monoxide-oxygen mixture is that of 
all permanent gases. Mallard and Le Chatelier used the formula 
4*8 + 006^ (mean specific heat at constant volume between 
and f) to express the results of their varied observations. 
Extrapolating on this basis. Mallard and Le Chatelier came to 
the conclusion that the temperature in the explosion experiment, 
where 1*2 vols of water- vapour was mixed with 100 vols, of 
CO + JO2 was 3130° C, and that the degree of combination 
was 0*61. The degree of dissociation was therefore 1 — 0*61, or 
0*39. We should remember, too, that the maximum pressure 
was some 10 atmospheres. 

Le Chatelier returned to these old numbers when he came 
to study dissociation phenomena. In the mean time ^ he had 
discovered the remarkable fact that it was possible to express 
the specific heats per mol of the most diverse gaseous systems 
at constant pressure, at least approximately, by the formula — 

Cp = 6-8 + a{t + 273) = 6*8 + aT 

1 Comjpt. Bend.^ 93 (1881), 1014 ; Ann, des Mines, 4 (1883), p. 524 ; ibid.. 
pp. 525 and 526. 

2 Compt. Bend., 104 (1887), 1780. 
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Le Cliatelier puts the coefficient a at zero for permanent gases, 
and at 00072 for carbon dioxide. It follows from this assump- 
tion that the mean specific heat per mol of carbon dioxide at 
constant pressure is— 

Cp = 6-8 + 00036T 

where 6*8 is taken as the specific heat of all permanent gases at 
constant pressure. Le Chatelier appends the remark that one 
may express the true specific heat of the permanent gases by — 

Cp = 6-5 + 0-0008T 

and hence that of carbon dioxide by — 

cp = 6-5 + 0-0044T 

However, he laid no stress on this remark, but took the 
specific heat of the permanent gases as constant, and hence 
the specific heat of carbon dioxide as 6*8 + 00036T. He has 
evidently computed the earlier experiments of Mallard and 
himself on this basis, for he now remarks that the degree of 
dissociation comes out as 034, and the temperature as 3300° C. 

From all the facts, Le Chatelier concludes that the tempera- Uncer- 
ture of Deville's flame was 3000° C. It is impossible to tell Le'cLfe- 
whether this is merely a rough estimation, made by subtracting Uer'a esti- 
10 per cent, from the explosion temperature of 3300°, or not. "^tio^^- 
There are three aspects of the matter to be considered — 
(1) Though we admit that the whole method as described (i) The 
is capable of yielding correct values for the temperature and ^^\^of 
the degree of dissociation, it still does not follow that the the equili. 
degree of dissociation found represents equilibrium conditions, ^^^x- 
According to Mallard and Le Chatelier, the explosion experi- tain, 
ments with oxy-hydrogen mixtures in closed vessels show 
absolutely no dissociation. Even if we find dissociation to 
take place in the carbon monoxide- oxygen explosions, we 
cannot be quite sure that this dissociation corresponds to the 
formula — 

CO + O^COa 

The formation of carbon dioxide from carbon monoxide and 
oxygen seems to proceed in several stages, just as the formation 
of water from the elements does. The fact that a dry mixture 
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of carbon monoxide and oxygen does not explode/ and the fact 
that the velocity of propagation of the explosion wave in a 
mixture of carbon monoxide and oxygen is strongly affected by 
the presence of water- vapour, support this view. It is reason- 
able to suppose that a reaction of this kind taking place in 
several stages might yield different results in an explosion bomb 
than it would in a freely buriiing flame. The pressure and the 
velocity with which the explosion is propagated are constant in 
the inner cone of the flame, but variable in the explosion bomb. 
So long, therefore, as we know nothing further about these 
circumstances, we cannot be sure what equilibrium temperature 
we are to assign to the samples of gas which Deville drew off 
from the hottest part of his flame. 

(2) The (2) If we overlook the above objections, we may still ask 
teMOTa^ whether or not the maximum temperature calculated ifrom the 
tures are pressure developed in any explosion is directly comparable with 
directly ^^® temperature prevailing in a stationary flame. The extreme 
compar- temperature which we compute from our pressure measurements 
^ ®' is the average of the temperatures prevailing in all parts of the 

explosion bomb, and they will be widely different. In explo- 
sions where no dissociation ensues, we may, of course, take this 
average temperature as a true homogeneous temperature without 
limitations. But in explosions which give rise to dissociation 
the case is different, at least where we come to calculate the 
maximum temperature and the degree of dissociation in the 
above-mentioned way. For the degree of dissociation does not 
change in so simple a way with the temperature, nor in so 
slight a measure as do the specific heats. So this uncertainty 
is bound to creep in when we try to estimate the temperature 
of Deville's flame from explosion experiments in a bomb. 

(3) The (3) Aside from (1) and (2) there still exists the question 
^yy^^ whether enough allowance has been made for the effect on the 
of the combustion zone of the thick, cold silver tube running right 
is^^^ffio^t ^^^^®^ Deville's flame. It is a well-known and fundamental 
toaUow experiment in the theory of illumination that a cold vessel 

°'' when introduced into a luminous hydrocarbon flame makes 

it n^n-luminous, because it cools it offl If a basin with a flat 
bottom be filled with water and brought into a Bunsen flame, 

» Dixon, FM. Ttum,, 175 (1884), 630 ; M. Traube, Ber. d. d. Chem, Qes. 
15 (1882), 666; Dixon, Joum. Chem. 8oc., 49 (1886), 95. 
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we can actually see the cooling effect, for the flame never 
touches the bottom of the basin, the gases being so strongly 
cooled that they cannot unite.^ 

This cooling effect would be immaterial in our case if we 
could assume that the reaction in the hottest zone progressed 
instantaneously to equilibrium. But no matter how great a 
velocity of chemical combination we assume at that point, it 
can never be so great that a massive and cold body will not 
have time to absorb some heat from the gases during the 
reaction, and so lower the temperature of the combustion. We 
must admit that this cooling effect amounts to less in this 
particular case than it would in a flame where the dissociation was 
less (CO and air, for instance), because the recombination of the 
gases on cooling yields fresh heat, and so acts like a bmke on the 
falling temperature. But this objection, nevertheless, increases 
the uncertainty regarding the temperature of Deville's flame. 

Not long after his computations of dissociation, Le Chatelier Le Chate- 
obtained new values for the specific heats at constant volume Jtatementa 
from his experiments with the crusher manometer. These in regard 
seemed better suited as a basis for calculating the dissociation ^^{9^°^^° 
of carbon dioxide than previous ones.^ In the experiments 
mentioned above, dissociation became appreciable at 2000°, but 
the high pressures in the crusher manometer prevented any 
dissociation taking place even at very high temperatures, and 
this allows us to extend our calculation of the specific heats 
over a much longer range. Howeyer, Le Chatelier does not 
seem to have undertaken a recalculation using these new values. 
After he had made a final revision of the specific heats of gases 
in the light of his theory that at constant pressure the specific 
heats of gases should all converge towards 6*5 at absolute zero, 
and had expressed the specific heats of carbon dioxide and the 
permanent gases as 

Cp^coj) = 6-5.+ 0-0037T 

CKperm. gases) = G'S + 00006T 

1 Haber, " Habilitationsschrift " (Munich, 1896), published by Oldenbourg, 
1896, sec. 3. " Ueber die Verbrennung an gekttlilten Flachen." 

^ We must indeed admit that the accuracy of these measurements all 
depends on how well we can separate the static pressures we are looking for 
from the effect of sudden impacts. For the theory, and a more detailed 
explanation, see the Sixth Lecture. 
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he apparently never returned to the question of how much 
carbon dioxide is dissociated at high temperatures. 
Observa- We have mentioned yet a third method of measuring the 
Meyer and dissociation of carbon dioxide, namely the determination of its 
Langer. density at high temperatures. Dissociation increases the volume, 
and therefore decreases the apparent density. It is not easy to 
carry out accurate density determinations at high temperatures. 
It is much easier to observe the dissociation by some such 
arrangement as Deville used at 1300°. We are not, therefore, 
surprised that neither Bottcher,^ working at 1400°, nor Crafts at a 
somewhat higher temperature, were able to detect any dissocia- 
tion of carbon dioxide. Victor Meyer and Langer (/.c.) then 
repeated the density determination at 1690° in platinum vessels. 
They, too, found nearly the normal density. They express 
surprise that Deville had found an appreciable dissociation at 
1300°, and mention that Victor Meyer and Ziiblin ^ had con- 
firmed the experiment of Deville, and considered it contradictory 
that the dissociation should be perceptible in a porcelain tube 
at a temperature as low as 1300°, but still could not be clearly 
detected in density determinations of carbon dioxide. They 
believed the explanation to lie in an observation of Menschutkin 
and Konowalow,® according to which certain organic vapours are 
more dissociated in the presence of asbestos and rough glass 
surfaces than in their absence. This explanation rests upon a 
misunderstanding. The rough solid substances do indeed hasten 
the process of dissociation, but they do not alter the degree of 
dissociation. The only way in which we could imagine them 
to have any effect in the present case would be to assume that 
by their aid equilibrium can be reached at 1300° in Deville's 
rapid current of gas, while without their aid it is not established 
in a platinum vessel heated to 1690° for a much longer time. 
Yet this is extremely improbable. The natural explanation is 
rather to be found in the formula representing the reaction 
energy of the formation of carbon dioxide — 

A = Qo - fr'TlnT -^ <t"T2 - HTln ^' , + const. T 

^ Dissertation, Dresden, 1900; "Ueber die Dissoziationstemperaturen 
der Kohlensaure und des Schwefelsaureanhydrides." 

^ I have been unable to find any more extensive mention of the matter. 
3 BerlBer,,17, 1361. 
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which, for equilibrium when A = 0, becomes — 

EZnK-p = ^ - (t'^uT - (t"T + const. 

If we substitute numerical values derived from Deville's ex- 
periments, we find that the density determinations at atmo- 
spheric pressure should show no evidence of dissociation. The 
temperature of the flame was 1300° (1573° abs.) and we cal- 
culated Kp to be 1*58 X 10*. Substituting the values for the 
specific heats at constant pressure which Langen obtained from 
his observations of explosion pressures (recalculated for constant 
pressure), and taking the heat of reaction at ordinary temper- 
atures and at constant pressure to be — 

CO + iOa = CO2 + 68,000 cal. 

we obtain for the difference between the specific heats of factors 

and products — 

CO = 6-45 + 0-0006T 

iOa = 3-23 + 00003T 

9-68 + 00009T 
CO2 = 7-26 + 00026T 

2-42 - 0-0017T 

and hence for Qo the value 67,440. Inserting these values, we 
get with the help of Deville's observation — 

67 440 
4-56 logw 15,800 = ^^ - 2-42/7^1573 + 00017 x 1573 

+ const. (3) 

from which we find that the constant has the value ^8*59. 
Taking this result and then calculating the value of K^, when 
t = 1690°, or T == 1963° abs., we get— 

67 4-40 
4-56 logio Kp = ^g|r _ 2-42/?il963 + 0-0017 x 1963 - 8-59 

or Kp = 231, It follows from this that the carbon dioxide 
ought to be about 3 percent, dissociated at atmospheric pressure. 
But V. Meyer and Langer's experiments deviate among them- 
selves by as much as 2 to 3 per cent., and are hence imsuited 
to show dissociation of this amount. One must also keep in 
mind that observations of dissociation in platinum vessels at 
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these temperatures may well give rise to fictitious results, for 

platinum at a white heat is not indifferent towards oxygen, and 

it might easily remove a trace of oxygen which was formed, 

and so conceal any change of density due to dissociation. 

Nemflt'B Nemst ^ has measured the density of carbon dioxide at still 

^^^^" higher temperatures. He worked at 1973° in an iridium vessel 

in the presence of air. The dissociation calculated by the above 

formula should be 13 per cent., but the presence of the air 

drives it back. N"emst*s results show that the dissociation is 

certainly not very large. Nothing more definite can be deduced 

from them. 

Le Chate- In the above discussion of the data on which a calculation 

cuiati^' of the dissociation of carbon dioxide at different temperatures 

of the may be based, we introduced and evalued a formula different 

tiOTLof*' fro^ ^^^ which Le Chatelier had used. He started from the 

carbon conception that the mean specific heats at constant pressure 

had the following values : — 

Permanent gases = 6*8 
Carbon dioxide = 6*8 + 0-0036T 

This leads to a difference between the mean specific heats of 
factors and products of — 

3-4 - 0-0036T 

and taking the heat of reaction at ordinary temperatures 
Q = 68,000 caL, it follows that the heat of reaction at absolute 
zero would be — 

Qo = 67,300 ; 
and hence — 

EZtiK^ = ^^— - 3-4/71T + 00036T + const. . (3) 

Le Chatelier now brings in his assumption that the degree of 
dissociation in Deville's experiments was 0*4 at equilibrium and 
under atmospheric pressure, and that the temperature was 3000°. 
We have already seen that this is equivalent to fixing 3*67 as 
the value of the equilibrium constant. He then gets — 

4-56 log 3-67 = ^^ - 3-4 x 2-3 log 3273 + 0a036 x 3273 

+ const (4) 

» Z,f, Elektrochemie, 9 (1903), p. 625. 


REACTIONS WHERE NO. OF MOLECULES CHANGES 171 


from which it follows that 

constant = — 2*28. 
Taking this value of the constant to calculate the equilibrium 
at 1300^ (1573^ abs.), we obtain— 

4-56 log Kp = ^|- - 3-4^71 1573 + 0-0036 x 1573 - 2-28 

and hence — 

• Kp = 4-37 X 10^ 

Before, we saw that, according to Deville's observation — 

K^ < 1-58 X 10^ 
This discrepancy between the equilibrium constants involves 
no inconsiderable disagreement in the degrees of dissociation 
calculated from them. At such slight dissociation, where the 
partial pressure of the carbon dioxide is very nearly equal to 
the total pressure P of the gas mixture, we may write without 
appreciable error — 

ycog _ P _ Yi 

But since, when carbon dioxide dissociates, oxygen and carbon 
monoxide are formed in the ratio of 1 to 2, this goes over into — 

Finally, under one atmosphere pressure we get — 


1 _^/i^co® 


Kp V 2 

It is easy to see that the partial pressure of the carbon monoxide 
is but half as large as Deville found it, if Kp equals 4*37 X 10*. 
Making use of Le Chatelier's assumption, we compute the 
following values of the equilibrium constant and the degree 
of dissociation, for a number of temperatures and pressures : — 


1 
2 
3 
4 
6 


t 

T 

1300 

1573 

1500 

1773 

2000 

2273 

3000 

3273 

3300 

3573 


K. 


4-37 

4-48 
1-07 
3-67 
2-29 


X 10* 
X 103 
X 10* 


Degree of diBSOciation. 


1-0 X 10-8(0-3 X 10-2) 

0-4 X 10^(0-8 X 10"^) 

0-3 X 10-1(0*35 X 10-1) 
0-4 (0-4) 

0-28 (0-27) 


Total 

pressare 

atmos. 


1 
1 
6 
1 

10 
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The numbers added in brackets are the values as calculated 
by Le Chatelier. The discrepancy between our values and his, 
which is especially marked at low temperatures, is due to a 
mistake in Le Chatelier's calculation. 
Compari- The last three values of the above five agree satisfactorily 
Chate- ^^^ ^^® estimations or calculations which Le Chatelier made 
lier'B re- on the basis of his explosion experiments, carried out in col- 
aotuJ^ob- laboration with Mallard. The small value at 1500° agrees with 
serYation. the fact that the density at that temperature is normal. It is 
impossible to say whether the values for 1300° are in agree- 
ment with experiment or not, for Deville's determinations of the 
degree of dissociation in the porcelain tube at this temperature 
are too uncertain. We cannot, therefore, come to any decision in 
the matter till Deville's experiments are repeated more carefully. 
At present it seems probable that the dissociation at 1300° is 
greater than it should be according to Le Chatelier's formula. 

Our opinion regarding Le Chatelier s calculations differs 
according to whether we view them from a theoretical or a 
practical standpoint. One must admit that the whole complex 
of phenomena above 2000°, which Le Chatelier has treated so 
ably, is affected with a very considerable uncertainty as regards 
the true temperature. It is quite possible that the equilibrium 
condition which Le Chatelier assumes to exist at 3000° may 
actually belong to a temperature different by some hundreds of 
degrees. Yet there exist no observations which permit any 
improvement on Le Chatelier's assumption regarding these 
extreme temperatures. 

If we now look at the technical side of the matter, par- 
ticularly as to what temperatures can be attained by burning 
carbon monoxide, and what limits the dissociation of carbon 
dioxide sets to the use of carbon monoxide for heating purposes, 
the above uncertainty does not trouble us greatly, and the 
formula given by Le Chatelier certainly yields an amply satis- 
factory answer. This is due to the fact that the dissociation 
below 1700° C. is small anyway under working conditions, and 
even an uncertainty of 100 per cent, in its evaluation would be 
quite immaterial. Above 1700°, conditions are a little different. 
But the demands of accuracy which technicians make become 
smaller the farther we go above this temperature. Up to 1700° 
the degree of dissociation at partial pressures of carbon dioxide 
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between 0*1 and 0*2 atmosphere is practically all that interests 
us technically. This degree of dissociation limits the maximum 
temperature which we can attain by burning our ordinary 
heating material with a barely sufficient air supply and at 
ordinary pressures. The partial pressure of carbon dioxide 
attainable in flue gases depends stoichiometrically upon the 
composition of the combustible substance. In the combustion 
of pure carbon it reaches a pressure of 0*21 atmosphere, since 
each of the 21 volumes of oxygen contained in 100 volumes of 
air can be replaced by 1 volume of carbon dioxide.^ The 
attainable partial pressure of carbon dioxide is less in the com- 
bustion of substances containing hydrogen. For instance, in the 
combustion of illuminating gas where some 2 c.c. of water- vapour 
are formed for every 1 c.c. of CO2, 100 c.c. of air can, at most, 
contain lOJ c.c. of CO2 and 21 c.c. of water-vapour to every 
79 C.C. of nitrogen. The partial pressure of the carbon dioxide 

10*5 
cannot then exceed TjTp-, or, in round numbers, 0*1 atmosphere. 

The dissociation corresponding to this partial pressure is very 
small below 1700°. Smaller partial pressures, where the dis- 
sociation has a greater percentage value, need not be considered, 
because they are occasioned by the presence of an excess of air, 
and the greater this excess is, the less important for several 
reasons does dissociation become. In the first place, the excess of 
air drives back the dissociation because of the oxygen it contains. 
In the second place, as long as the flue gas contains but little 
carbon dioxide the temperature reached must remain low, for 
the large mass of the diluting gas must be heated by the heat of 
combustion. The lower the temperature, the smaller the dis- ^ 
sociation will be ; that is, the direct cooling effect exerted by 
diluting with a quantity of air far exceeds, up to 1700°, the 
indirect heating effect arising from the decreasing dissociation. 
It is equally true that the degree of dissociation (up to 1700°) 
does not come into play in combustion in explosion engines. For 
there the total pressure is much greater than an atmosphere, and 
consequently the partial pressure of the CO2 is higher, and the 
percentage dissociation smaller. Indeed, Langen could detect no 
evidence of dissociation up to 1700° in his explosion experiments. 

1 Compare Bunte's " Heizlehre,'* in Muspratt's " Technbcher Chemie." 
4th edit (Brunswick, 1893), p. 314. 


1 74 THERMO D YNAMICS 

Now, all technical processes of combustion occur in the 
temperature interval below 1700° C, with the exception of the 
processes taking place in certain zones of the blast furnace. 
No illuminating flame, except that of acetylene, greatly ex- 
ceeds this temperature. If we would attain temperatures 
much higher than this in combustion processes, and make any 
calculation about them, we are also obliged to take into con- 
sideration the fact that loss of heat through convection and 
radiation increases rapidly with rising temperature. The 
uncertainties which these factors introduce into the calculations 
thus become so great that any uncertainty about the degree of 
dissociation does not make much difference. We can, therefore, 
get along satisfactorily enough in this whole field by means of 
Le Chatelier's formula. 

Our appraisal of the value of this formula from a theoretical 
point of view is a very difiFerent one. In the first place, the 
formula assumes o-", the difiFerence between the increments 
of the specific heats of 1 mol CO plus \ mol O2 and 1 mol 
CO2, to be 0*0036, and this is not satisfactorily confirmed by the 
experimental data we possess for temperatures up to 2000°. If 
it were not for the calculations and observations of Le Ohatelier 
on the explosion of mixtures of carbon monoxide and oxygen, 
and for the experiments of Deville with his fiame, one would 
certainly prefer formula 3, based on Deville's experiments in 
porcelain tubes and Langen's explosion experiments, as best 
expressing the reaction energy of carbon dioxide formation. But 
we can easily convince ourselves that its use for temperatures 
much above 2000° is precluded, unless we are willing to assume 
that the dissociation which Le Chatelier calculates for 3000° 
really existed some 700° lower. An error of this magnitude 
seems, however, out of the question. If, instead of Langen's 
specific heats, we choose those determined by Mallard and Le 
Chatelier from their observations with the crusher mano- 
meter at much higher temperatures, we get 

A = 67,200 -3-28T/7iT+0-00204T2-ETte—^^^ -2 'ST (5) 

Here again Deville's experiments in porcelain tubes are 
assumed as correct. We can bring this formula, too, into 
harmony with what little we know about the dissociation up to 
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2000°, but we then find the equilibrium constant is equal to 3*67 

at 2300°, which, again, is a temperature very diflferent from that 

required by Le Chatelier's formula. Under these circumstances, 

we will retain Le Chatelier's formula 4, but to its numerical 

evaluation we will add such figures as result from formulae , 

3 and 5. We shall see that the special application which we 

shall make will not be much affected by this difference. 

A further deduction may be made from the formula repre- Case II. 

senting the formation of carbon dioxide, by combining it with mation^of 

our previous formula for the water-gas equilibrium. If we water. 

write — 

CO + = CO2 -f A 

and CO2 + Ha = CO + HgO + A' 

and add the two, we get — 

+ Ha = H2O + A + A' 

that is, we get the energy of formation' of water A" by adding 
the reaction energies of the water-gas reaction and of the forma- 
tion of carbon dioxide. This gives us — 

A = 67,300 - 3-4 T/tiT + 00036 T^ - RTfa ^^^% — 2-28T 
A' = -9,650 + 1-55TZ71T - O'OOIQST^ - RTfa ^^^ ^'^^^ 

j>C02 XPH.2 

A" = 57,650 - 1-85T/71T + 0-00165T2 - RTfa ^^^^, — 2-28T 

This expression assumes a difference between the mean 
specific heats at constant pressure between 0° and T° of — 

^(H2+i02) - ch,o = 1-85 - 0-00165T 

This value is' somewhat different from that usually given for 
the specific heats of water- vapour and the permanent gases.^ 

^ For instance — 

I. Mallard and Le Chatelier (old values) — 

\\ mol permanent gases 9*93 + 0O009T 

1 mol H55O vapour 6*69 + 0-00328T 

3-24 - 00023T 

II. Mallard and Le Chatelier (crusher manometer) — 

1^ mol permanent gases ... 9-21 + 0*00183T 

1 mol HjO vapour 6-98 + 0-00287T 

2-23 - 000104T 
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There is but little experimental data at our disposal with 
which we may test it. There are measurements of the 
reaction energy of the formation of water made with the oxy- 
hydrogen cell. Victor Meyer and Langer have also observed 
, that water-vapour shows a barely perceptible dissociation at 
1200°, while Nernst, working under the same conditions as 
with carbon dioxide, could detect no certain variation of the 
density of water-vapour from the normal at 1973°. Putting 
A" = and calculating the equilibrium constant for 1473° abs. 
and 2246° abs., we find— 

Kp(u73°) = 4-6 X 10s (1-8 X 10*^) [22 x 10^] 1 
K^224ec) = 654 (146) [148] 

Since in both cases observations were made at atmospheric 
pressure, it follows, from the formula developed for the case of 
carbon dioxide — 


rr-V "9~ 


that the partial pressure of the hydrogen is about 1 X 10"* to 
2 X 10"* atmospheres at 1473° abs., and about 0025 atmo- 
sphere at 2246° in equilibrium. The first number corresponds 
to between \\ to 3 c.c. of hydrogen and oxygen to 10 litres of 
water- vapour. Victor Meyer and Langer state that on passing 

III. Le Chatelier (latest values) — 

1^ mol permanent gases ... 
1 mol HjO vapour 

IV. Langen — 

1^ mol permanent gases 

1 mol HgO vapour 

V. Langen (Schreber's recalculation) — 

1^ mol permanent gases 

1 mol HjO vapour 

106 - 0-00036T 

* The unbracketed value results directly from our formula. If we use 
formula (3), p. 170, in deducing the equation for the formation of water- 
vapour, instead of Le Ohatelier^s formula (4), p. 170, we get the values 
enclosed in parentheses. The values included in brackets are derived by 
use of expression e, p. 133. 


9-76 + 0009T 
6-6 +0-0024T 

3-26 - 00016T 

9-93 + 0-0009T 
7-29 + 0-00216T 

2-64 - 0-00125T 

9-88 + 0-0008T 
8-82 + 000116T 
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a rapid stream of water-vapour for a long time through a 
platinum tube heated to about 1200° C, they collected several 
c.c. of an explosive gas. This seems to agree with the require- 
ments of the formula. The second number corresponds to a 
dissociation of 2*5 per cent., which is within the limits of 
accuracy of Nemst's vapour-density measurements.^ 

In regard to the oxy-hydrogen cell, we should first point out The oxy- 
that our formula for the reaction energy would give for 25° the ^1"?^'^ 

value — ordinary 

tempera- 

A = 57,650 - 3670 -Ex 298Z7i ^^'^ , t"^«- 

= 53,980 -Ex 298/71—^5^ 

Bose ^ has studied the oxy-hydrogen cell at 25°, using the gases 
under atmospheric pressure. The vapour pressure of his 
electrolyte can be considered as equal to that of pure water. 
Then— 

-E298 X In ^"^^ , - = 4-2029 cal. 

and our formula would lead us to expect that A = 56,020 
cals. Bose found 52,654 ± 693 cal. . The discrepancy is large. 
While Bose found the electromotive force of the oxy-hydrogen 
cell to be 11392 ± 0-0150 volt (at 760 mm. pressure and 
25°), he should have found, according to our formula, 1*212 
volt.® I would, however, not lay too great stress on this 

> A.W. V. Hofmann {BerL Ber., 23 (1890), 2, 3314), reports to the eflfect that 
when a very strong current of water- vapour is forced rapidly through a white- 
hot platinum spiral, one can collect, in a few seconds, enough of a mixture of 
oxygen and hydrogen to almost break the eudiometer when it explodes. 
From our formula we should expect a litre of water-vapour to contain 20 c.c. 
of the oxy-hydrogen mixture at 1723^ and at atmospheric pressure. It does 
not greatly matter which of the three formulsB above mentioned for the 
reaction energy of formation of COj we use. 

2 Z, /. phya. Chem., 34 (1900), 701, and 38 (1901), 1, where extended 
references to the literature will be found. 

3 If instead, we use equation (c), p. 133, which is based upon Langeu^s 
specific heats and DeviUe^s experiments in tubes, we get 1 '208 • volts. If we 
use equation (e), p. 133, based on Le Ohatelier^s experiments with the com- 
pression manometer, and on the similar experiments of Deville, we get 1*227 
volts, 

N 
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discrepancy of 80 millivolts. It is very possible that Bose's 
Accuracy value is too low. It should be pointed out that Smale found 
obMTved 1*073 volts for the oxy-hydrogen cell, and this was generally 
value of accepted until Czepinsky, Bose, and Crotogino obtained higher 
hydrogen values, those of Bose's being the most carefully determined, A 
cell at further elevation of the value by some centi volts does not seem 
tem^^Ki^ improbable when we remember that the oxy-hydrogen cell is 
tures. QQt completely understood, at least as far as the oxygen elec- 
trode is concerned. There is no proof whatever that a platinized 
platinum electrode is in equilibrium with the oxygen in an 
electrolyte saturated with oxygen at atmospheric pressure. 
According to L. Wohler,^ platinum black is not pure platinum, 
but rather a lower hydroxide of platinum of whose electromotive 
properties we know nothing. It may well be inherent in the 
nature of this electrode that in the presence of oxygen it be- 
haves as a not quite saturated solution of oxygen would, and 
therefore always gives too small an electromotive force for the 
oxy-hydrogen cell. Abegg and Spencer ^ have shown that it is 
impossible to get any other value with platinized platinum than 
that of Bose. But their interesting investigation still leaves 
open the possibility that the properties of the platinum black 
affect the value obtained. 
The oxy. On the other hand, we must not fail to recognize that the 
ceifaF" calculation of the reaction energy at 25° by the help of our 
high formula leads us far from the region in which the observations 
tures^^ underlying the formula were made. The fact that the tem- 
perature lies far below the critical temperature of water- 
vapour, and that we are therefore in a region where the specific 
heats exhibit the irregularities to which we have previously 
referred, is especially misleading. It therefore seems desirable 
to test the formula by measurements of the oxy-hydrogen 
cell at much higher temperatures. Haber and Bruner^ have 
done this, using molten caustic soda as an electrolyte. They 
found — 

1 Berh Ber., 36 (1903), 3476; and Z. /. anorg. Chem., 40 (1904), 
423. 

2 Z.f. anorg. Chem,, 44 (1906). 

3 Z.f, Elektrochemie, x. (1904), 697. 
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<o 


312 
412 
532 


JO 

EMK 

volt. 

1-24 
115 
1-03 

686 
686 
806 


A" 
cal. 


A'' calculated by our formula. i 


57,313 


.53,163 


47,007 ' 46,933 - 


49,993 - 2668 logio —^^^ 
48,600 - 3124 logi« ^"^x 
3671 log>« ^'^i 


The oxygen and hydrogen were at very nearly atmospheric 
pressure in these experiments, and consequently the denominator 
of the logarithmic term may be put equal to unity. The vapour 
tension of water over molten caustic soda is not suflBciently 
well known to allow us to compare calculation and observation 
as closely as we would wish. We can only say that our formula 
seems to give relatively good values when we compare them 
with the results of these experiments. The intimation is thus 
supported that the true values of the oxy-hydrogen cell lies 
even higher than Czepinsky and Bose have found it.^ 

The simple fundamental cases of the dissociation of water q^^ m^ 
and of carbon dioxide have been but slightly investigated, and The 
the expressions for their reaction energy consequently possess cWcSe 
less certainty than we would wish. We will, nevertheless^ risk prooesB. 

* Taking the carbon dioxide equation (e), on p. 133, as the basis of our 

formula, we obtain the values — 

45,620 at 312° 

43,230 at 412° 

40,330 at 532° 

^ To prevent misunderstanding, I should like to call attention to the fact 
that the correctness of any value obtained for the electromotive force of the 
oxy-hydrogen cell cannot be tested by seeing whether the quantity A" fulfils 
the condition (p. 22) that — 

A"-T^ = Q 

This relation always holds wherever water is formed reversibly. Whether 
the electrodes are in equilibrium with oxygen and hydrogen at atmospheric 
pressure remains entirely indeterminate. If the condition of the electrodes 

corresponds to a lesser gas pressure, A" comes out smaller, but T -^, is just as 

much larger, and vice versa. Subsequent investigation has confirmed this 
conclusion. See Appendix to Lecture Vll. 
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pushing the application still further, and use the equation for 
the formation of water in studying the Deacon process of manu- 
facturing chlorine. This process corresponds to the diflTerence — 

2H2 + 02 = 2H2O 
minus 2CI2 + 2H2 = 4HC1 

O2 + 4HC1 = 2HaO + 2Cla 

We have earlier deduced an expression for the energy of 
formation of hydrochloric acid. After quadrupling it so that it 
may correspond to the formation of 4 mols of .HCl, we subtract 
it from the energy of formation of 2 mols of water- vapour — 


,2 


2 A" = 115,300 - 3-7T/7iT+ 0'0033r^ - BTfa , ^"'^ 4-56T 


4A= 88,000 -ETteV^a +5-36T 


A"' = 27,300 - 3'7TZ7iT + 0-0033T2 - ET/ti-^*^-^^^^ - 9-92T 

We may now divide this by 4 so as to make it correspond to 
the decomposition of one mol of hydrochloric acid in accordance 
with our general usage, and obtain — 

A = 6825 - 0-925T/7iT + 0-000825T2 - BTZ /^^^ ^ ^^' -2-48T 

The ex- We can test this equation for the energy of reaction by the 
of i^Bge* experiments of Lunge and Marmier.^ To this end, let us 
*°d . examine their experiments a little more closely. Lunge and 
Marmier led a mixture of hydrochloric acid gas and of oxygen 
(sometimes of air) over broken bricks which had been soaked 
with a copper chloride solution, then dried and heated to a 
temperature of about 450° The mixture of gases was usually 
dry, but sometimes it was wet. The reverse experiments with 
chlorine and water-vapour were not made. The object of the 
investigation was to determine the degree of decomposition 
of the hydrochloric acid. If the fraction x of every mol of 

» Z, f. angew. Chemie (1897), 105, and the dissertation of E. Marmier, 
" Ueber die Darstellung von Chlor nach dem Verfahren von Deacon und 
Mond '' (Zttrich, 1897). 
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hydrochloric acid is decomposed and ^ inols of chlorine pro- 
duced, then in the final gas mixture — 

CI2 _ X 

HCl " 2(1 - x) 

This quotient represents the relative number of chlorine and 
hydrochloric acid mols, and also the ratio of the per cents, by 
volume or partial pressures of the two kinds of gases in the gas 
mixture. 

The equilibrium constant of the Deacon process is given by 
the equation — 

F02 X i?HCl ^ 

CI 
In order to introduce the ratio .^7^ into this expression, we 

multiply numerator and denominator by p^^^ and obtain — 

i^HGl Phi Phh 

or substituting the values just found for the first quotient — 

2(1 -a5)^j^*~^V ci7--^i' • • • ^^f 

The term placed under the radical sign may represent partial 
pressures, per cents, by volume, or mols per unit of volume, 
the unit of measurement cancelling. The expression becomes 
simpler when the initial gas mixture is dry. Then just as 

much chlorine as water is formed, so that the term v/ -z^ 
has the value 1. For this case, then — 

2(1 - a?) i?Sa 

This formula tells us the degree of decomposition when 
equilibrium is attained. It is relatively but little influenced 
by the excess of oxygen, for only the fourth root of the partial 
pressure of the oxygen appears in the equation. If, for instance, 
the partial pressure were in one case 0*9 of an atmosphere and 
in another only 05 of an atmosphere, the fourth root in the 
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one case is 0974, in the other 0*474. So a change of 18 times 
in the pressure of the oxygen changes the quotient -^ to a 

1^02 

value but twice as great, and the degree of decomposition, which 
was 0*6 (66 per cent.) in the first place, only changes to about 
0*75 (75 per cent.), as can be seen from equation (7), p. 181. 

Lunge and Marmier do not state the partial pressure of the 
oxygen in the gaseous products, but they do tell the composition 
and pressure of the mixture they started with, and knowing 
the degree of decomposition, we may calculate the final partial 
pressure. The following example will illustrate this. 

Initial mixture contained 8*5 per cent. HCl, 91*5 per cent. 
O2, pressure = 737 mm., x found = 0*83 ; hydrochloric acid 
transformed = 0*83 x 8*5 = 7 05 c.c. From this there is 
found stoichiometrically 3*52 c.c. CI2, 3*52 cc. H2O, while 
1*76 cc. O2 were used up. It follows that the gaseous product 
contained — 

Sum. CI2 HCl 0-2 II2O Pressure. 

98-23 cc. 3-52 c.c. 1-46 c.c. 89-74 c.c. 3*52 c.c. Same as 

initial gas. 

Therefore — 

89*74 737 ^^^^ , 
^^^ = 9^3 ^ 760 = ^'^^^ ^*"^- 
Pi, = 0*968 

"" : = 2*44 


2(1 - x) 
- -, X 4- = K, = 2*51 

— 7! I tit '^ 


2(1 -X)- i>*^ 
AVe can express the procedure just illustrated by the formula — 


o..|hci 3 


Po, = X 


O2 - |hC1 + HCl "^^^ 

where B is the barometric pressure, O2 and HCl the percentage 
content of the initial mixture. The values of po2 in Table I., 
p. 185, were calculated in this way. 

Lunge and Marmier employed mixtures of gases whose 
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oxygen content varied from just about the theoretical quantity 
required to an excess of almost 100 times. In the mixtures 
containing but a little hydrochloric acid only a relatively small 
amount had to be transferred in reaching the equilibrium. The 
smaller the excess of oxygen the greater this quantity need be. 
Now all the mixtures were conducted over the catalyzer at 
approximately the same velocity. The result is, as can be easily 
understood, that at lower temperatures the gas mixtures remain 
farther from equilibrium the nearer they approach in composi- 
tion to stoichiometrical quantities. This makes itself apparent 
in the abnormal falling off of the degree of decomposition with 
decreasing excess of oxygen. At high temperatures (480°) this 
phenomenon is no longer prominent, and we may therefore 
conclude that a reaction velocity has now been attained which 
is high enough to bring even a stoichiometric mixture up to the 
equilibrium. Lunge and Marmier ascribed no especial im- 
portance to reaction velocity, basing their view on Deacon's 
statement, that with a sufficiently large catalyzing surface the 
effect of reaction velocity disappeared. In their above-mentioned 
experiments, where the degree of decomposition was large, the 
oxygen was present in great excess, and hence the equilibrium 
was easily attained, and the catalyzing surface they used was 
" sufficiently " great ; but in the mixtures of gas which are 
relatively poor in oxygen, this is not true, even at 430°, and the 
lower the temperature the richer the mixture may be in oxygen 
without being able, at the velocities employed by Lunge and 
Marmier, to reach equilibrium and the high degree of decom- 
position corresponding to it. 

The observations of Lunge and Marmier were made with a The 
catalyst, which, according to the statements of the investi- t^e^ta-^ 
gators, does not remain unaltered. This phenomenon finds lyst dur- 
expression in their experimental results in the fact that some- i^fiJnent ' 
times more, sometimes less, total chlorine is contained in the 
gaseous products than was present in the mixture to start with. 
It seems, however, as if equilibrium in the issuing gases was 
not disturbed by this. Nor indeed is it theoretically necessary 
that it should be. Haber and Van Ordt ^ have observed, in the 
action of hydrogen on the nitride of calcium, that the ammonia 
equilibrium in the issuing gases is nearly permanent, although 

> Z./. anwg, Chemie, 44 (1905), 341. 
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the nitride slowly changes. The same thing occurs in the 
technical manufacture of water-gas, as will be shown in a dis- 
cussion contained in the Seventh Lecture. But the change in 

H 
the catalyzer does trouble us, in that thereby the ratio -^r- 

differs from 1, even in dry mixtures. If the catalyzer gives off 

/TT~o 

chlorine and takes up oxygen, the term \J -^r- occurring in 

equation 7 will be less than 1 in the escaping gas, and 
consequently — 

The disturbing effect is of course greatest where the amount 
of hydrochloric acid which passes over the catalyst during the 
experiment is smallest, that is, when the excess of oxygen is 
greatest. For even a small amoiint of chlorine given off by the 

catalyzer would change the ratio ^t ?^ greatly when it was 

mixed with only a small amount of chlorine produced from the 
hydrochloric acid. Lunge and Marmier did not lay much stress 
on this point, for they were chiefly interested in the degree of 
decomposition, and it is but slightly affected at equilibrium 
by this disturbing influence, for it takes quite a considerable 

change in c^tt-^ \ to produce any change in it. One can easily 

see this by working through a few examples. 

The following table contains data which Lunge and Marmier 
have collected at 480°. They represent the mean values from 
parallel experiments numbered in Marmier's dissertation 69-85. 
The single values lie very close to the mean values. The first 
value is bracketed, because the difference between the chlorine 
in the hydrochloric acid taken and the total chlorine contained 
in the final product was far too great to yield any reasonable 
value for the equilibrium constant on the assumption that — 


v/ 


H,0_ 
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Table I. 


Pressure. 

Initial j?as. 

mm. Hg. 

%HC1 

%02 

726 

7-6 

92-6 

726 

161 

84-9 

721 

25-6 

74-5 

723 

42-2 

57-8 

723 

49-0 

510 

720 

57-3 

42-7 

720 

68-2 

31-8 

718 

80-8 

19-2 


%HCli recovered 
in the single 
experiments. 


X 


208 and 212 


74 

166 

75-6 

93 

91 
96 
92 




9> 


» 


If 


» 


)) 


119 

104 

91-2 

93 

95 

105 

97 


0-87 
0-83 
0-82 
0-77 
0-76 
0-76 
0-73 
067 


02 I 2(1 - X) 


0-97 
0-95 
0-91 
0-85 
0-82 
0-76 
0-68 
0-496 


(3-34) 
2-44 
2-28 
1-67 
1-68 
1-50 
1-36 
101 


K. 


(3-2) 
2-6 
2-5 
2-0 
1-9 
2-0 
2-0 
2-0 


I conclude from this that the equilibrium constant of the re- 
action underlying the Deacon process equals 2*0 at 480°. 

If we calculate the equilibrium constant from our formula 
for the energy of reaction (p. 180), putting A = 0, we find after a 
simple transformation that — 

+ 0-0033 X 753 - 9-92 


and from this that- 


= Kp= 1732 


The agreement is astonishing when we think how long and how 
beset with uncertainties the path has been by which we have 
reached these conclusions. We started from the carbon dioxide 
dissociation, proceeded via the water-gas equilibrium and the 
water-vapour dissociation, and by combining our results with 
Dolezalek's measurements of the hydrochloric acid cell, finally 
obtained our formula. 

If we now calculate the value of the equilibrium constant 
again at atmospheric pressure, for the temperature 430°, which 
Lunge and Marmier considered the most favourable, we find 
that — 

1 The CI2 found is recalculated in terms of HCl and added to the HCl 
found. The result is expressed in per cents, of the HCl taken. 

* Had we started from expression (c) on p. 133 for the carbonic acid dis- 
sociation, we should have found 1*835 for Kp. This is not very different from 
the value here obtained. 

3 Had we started from the expression (e) on p. 133 for the carbonic acid 
dissociation, we should Iiave found 2*711. 
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We see that the location of the equilibrium becomes more favour- 
able for the preparation of chlorine the lower the temperature at 
which we work. In the Deacon process, therefore, since as 
complete an oxidation of the hydrochloric acid as possible is 
desired, we should endeavour to keep the temperature as low as 
possible. The limit is here set by the reaction velocity. This 
soon becomes too small. Lunge and Marmier could obtain a 
very noticeable transformation even at 310°, but technical 
practice has shown that we must work at temperatures above 
400° if we would obtain satisfactory results. 
Lunge and I reproduce here Table II. containing the experimental 
resnitfl^at* ^^^ults of Lunge and Marmier at 430°, starting with dry gases. 

430°. 


Pressure 
mm. 

%HC1 

i 

%N, 

Recovered 
HCl in % 

X 

0-97 

v(l-ar) 

K, 

737 

8-5 

] 

91-6 i 


109 and 116 

0-83 

2-44 

2-51 

733 

15-7 

84-3 

- 

105, 113, 148 

0-84 

0-96 

2-63 

2-74 

736-5 

16-3 

83-7 


84, 101, 97 

0-83 

95 

2-44 

2-57 

737 

21-0 

79-0 

*^ 

94, 111, 118 

0-82 

093 

2-28 245 

734-6 

28-6 

71-4 

' 

102, 103, 104 

0-82 

0-91 

2-28 2-51 

729 

341 

65-9 


106 and 112 

0-81 

0-88 

2-13 

2-42 

730 

40-2 

59-8 


105, 108, 117 

0-78 

0-86 

1-77 

2-05 

735 

5M 

48-9 


177-3 and 79-7 

0-77 

0-81 

1-68 2-07 

734 

53-9 

461 


105,99,101, 102 

0-76 

0-79 

1-60 2-92 

734 

541 

45-9 

— 

102 and 103 

0-75 

0-78 

1-50 

102 

729 

67-4 

326 


100 and 104 

0-58 

0-71 

0-71 

1-001 

729 

72-5 

27-5 


106 and 143 

0-50 

0-67 

0-50 

0-741 

725 

831 

16-9 


100 and 105 

0-39 

0-55 

0-32 

0-581 

726 

6-6 

19-5 

73-9 

82 and 86 

0-79 

0-652 

1-88 

2-88 

725 

12-7 

18-2 

691 

102 and 118 

0-75 

0-63 

1-60 

2-38 

725 

23-3 

160 

60-7 

100 and 102 

0-74 

0-58 

1-42 

2-45 

727 

26-0 

15-4 

58-6 

83 and 102 

0-71 

0-57 

1-22 

2-14 

725 

35-1 

13-6 

51-3 

, 103 and 103 

0-65 

0-53 

0-93 

1-75 

720 

41-4 

12-2 

46-4 

103, 100 

0-47 

0-52 

0-44 

0-853 

715 

51-0 

1 

10-2 

38-7 

' 91 and 100 

0-45 

0-46 

0-41 

0-903 


We gather from Table 11. that the equilibrium is reached 
when oxygen is used containing as much as 35 per cent, hydro- 

^ In these experiments the value of x is very uncertain. 

2 The values of jtq, from this number are computed by the formula 


O^-jHCl 


X 


760 


Og - JHCI + N2+ IICI 

which will be readily understood. 

3 In this group of experiments the values of x are very irregular. 
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chloric acid. If the oxygen is partially replaced with nitrogen, 
by using air instead of oxygen, then even at 26 per cent, of 
hydrochloric acid the equilibrium is not completely obtained, 
and at 35*1 per cent, of HCl the reaction remains a long way 
from the equilibrium. The favourable influence of an excess 
of oxygen on the reaction is shown even more plainly by the 
mixtures containing 50 per cent, of HCl, for of these the one 
made with pure oxygen still very nearly reaches equilibrium, 
while that made with air falls far short of it. 

Lunge and Marmier expressed their astonishment that in 
mixtures containing much hydrochloric acid, the degree of decom- 
position should be greater when the hydrochloric acid is mixed 

HCl 

with air than when mixed with oxygen, the ratio ^- being the 

same in both cases. Examples of such mixtures would be — 


HCl 


72-5 


351 



0-60 
0-66 


The explanation of this phenomenon is evident from our above 
discussion. The mixture containing air comes very near reaching 
equilibrium because of its small hydrochloric acid content, 
while in the mixtures containing only pure oxygen beside the 
hydrochloric acid the reaction velocity is no longer sufficient to 
bring about the much larger transformation, in spite of the 
accelerating efiect of the oxygen. 

I cannot treat the very valuable experimental material of 
Lunge and Marmier exhaustively, but must content myself with 
mentioning two groups of experiments at higher temperatures — 


h 

% HCl 

%o. 

%N, 

Recovered. 

HCl iD % 

X 

0-70 
0-66 

0-56 
0-57 

X 

21 
1-7 

<oC. 

2(1-0;) 

718 
722 

28-5 
26-6 

14-9 
15-3 

56-6 
58-1 

126 and 113 

73 and 86 

1 

1 

117 
097 

510 
550 
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The constant K^ here appears surprisingly large. Yet our 
formula for the temperature at which the constant becomes 
equal to unity — 

2-48 = ^^^- - 0-925/nT + 0000825T 

yields the value T = (about) 850° abs., or t = 577°. But we 
must recall here that the catalyzer certainly begins to volatilize 
above 470°. Deacon says it volatilizes even at 428°, and Lunge 
and Marmier claim that traces of it go over at even lower tem- 
peratures. It is, consequently, inevitable that above 500° the 
catalyzer should distill into the cooler portion of the tube near 
the outlet. The effect of this would be that the gases would 
not remain in the unfavourable equilibrium corresponding to the 
higher temperature, but would react in the cooler portion of the 
tube toward an equilibrium containing more chlorine. 
Tho We will close this discussion by a reference to the chemical 

"strength" " strength " of chlorine and oxygen. We have just seen that 
of oxygen the equilibrium constant of the Deacon process becomes unity 
chlorine, at about 577°. Now, this process depends upon the distribution 
of hydrogen between chlorine and oxygen, that is, these two 
substances compete for the hydrogen. We conclude from this 
tliat both oxydizing agents are equally strong at 577°. At lower 
temperatures the oxygen captures more of the hydrogen; at 
higher temperatures chlorine does this. So oxygen has the 
greater affinity for hydrogen in the cold (below 577°), chlorine 
in the heat (above 577°). This, of course, applies only under 
comparable conditions of concentration, and the question arises. 
What are comparable concentration conditions? There exists 
an analogous case where the answer to this question is evident. 
It is the competition of carbon monoxide and hydrogen for 

oxygen. 

2H2 I 2H2O 

"^ O2 ^ 


2C0 + ^ 2C0 


2 


This is nothing other than the water-gas equilibrium. Its 
equilibrium constant becomes unity at about 830°. Above this 
temperature the affinity of oxygen for hydrogen prevails ; below 
it the affinity of oxygen for carbon monoxide. Here the concen- 
trations are comparable when carbon monoxide and hydrogen, 
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on the one hand, and water-vapour and carbon dioxide on the 
other, have equal partial pressures. We may, therefore, conclude 
immediately from this that a mixture of water-vapour and 
hydrogen can exist together with a smaller amount of free 
oxygen above 830'' than can a similar mixture of carbon monoxide 
and dioxide, assuming, of course, that the pressure is the same 
in both cases. Therefore, carbon dioxide dissociates more above 
830° than does water-vapour. The numerical values which we 
have found for the dissociation of carbon dioxide and for water- 
vapour correspond to these conclusions. When we compare 
chlorine with oxygen the comparable conditions are not so 
simple, because gaseous chlorine is divalent, and gaseous oxygen 
is tetravalent. One mol of chlorine unites with but one mol of 
hydrogen, while one mol of oxygen unites with two mols of 
hydrogen. 

Now, we judge chemical "strength" on the basis of 
equivalent amounts. That is, we compare — 

Ha + Ol^HaO 
with — 

H2 + Cl2;t2HCl 

In the one case at equilibrium — 


in the other — 


■PH2O _ jr 


^2 


i^HCl IT 2 


jPH2 X i^Cla 


Here we must write K^p(Hci), for we have previously written 
(p. 108) Kp(Hci) as referring to one mol HCl. The stronger oxidizing 
agent will have the higher equilibrium constant. We then use 
van't HofiTs formula — 

A = ET/7iKp - ETSv'ky 
to find the comparable conditions in both cases, and obtain — 

and 

2 . Tirj\i i^HCl 


A' = RT/?iK5(Yici) - RT/ti. 


i>H2 X i>ci2 
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If the quotieuts — 

are arranged to be equal in value, then each adds just as much, 
or just as little, to A and A', and the difference between A and 
A' shows directly the difference in chemical strength. 

We may similarly determine A and A' by the aid of galvanic 
cells. Since the same number of equivalents are transformed, 
the quantities of electricity generated in each case are equaL 
Consequently the reaction energies A and A' stand in the same 
ratio to one another as the electromotive forces of the two cells. 
We have Dolezalek's measurements for one cell, and those of 
Bose for the other. We are already acquainted with both 
investigations. Bose made observations at but a single tension 
of aqueous vapour, which we can place at 031 atmosphere. 
Dolezalek, on the other hand, made measurements at various 
partial pressures of hydrochloric acid, and so we can easily 
choose comparable concentrations in the light of what has just 
been said. That is, since in comparable cases — 

fa__i^H.O fa. ^HCl 


then also — 

^H^ _ j>H2 X y^^ 

i^ClH ^Cl2 X i)H2 

In the measurements of Bose we may call the pressure of the 
hydrogen and the oxygen equal to 1 atmosphere without ap- 
preciable error. Consequently jpo2 equals 1, and the product 
i>H2 X jpoa also equals 1. In Dolezalek's measurements the same 
thing does not apply with equal rigour, for the high partial 
pressure of the hydrochloric acid lowered the partial pressures of 
the chlorine and oxygen perceptibly when the total pressure was 
1 atmosphere. Nevertheless, we may assume for the moment 
that in this case, too, |?ci2 a^d 2?h2» and hence their product, are 
equal to 1. This tells us that, to judge the relative chemical 
strength, we must compare these measurements where — 

^20 _ ^ 

or— 


i^HCl 


H20 = i^Hci 
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But since the vapour tension of water was 0031 atmosphere in 
Bose's experiments, we must use the value Dolezalek found for 
a partial pressure of hydrochloric acid = \/0*031, or 0176 
atmosphere. For this partial pressure Dolezalek found an 
electromotive force of 1 volt, in round numbers, while Bose 
found 1*14 for the oxy-hydrogen gas cell. If we now take the 
fact just mentioned into consideration — that the partial pressures 
of the chlorine and hydrogen were less than 1 atmosphere in 
Dolezalek's experiments — it appears that we must take a cell 
containing more concentrated hydrochloric acid, and hence one 
having less electromotive force, if we would obtain comparable 
conditions. The difference between the oxy-hydrogen cell and 
the comparable oxy-chlorine cell would thus become still greater. 
The small difference of 5° between the temperatures of the two 
cells would affect their electromotive forces too slightly to 
require consideration here. The result agrees, as was to be 
expected, with the conclusion we had already arrived at from a 
study of the Deacon process. In the cold, therefore, chlorine, 
though more rapidly acting, is the weaker oxidizing agent. 

We will now consider two other gas reactions of technical Oase IV. 
importance, namely, the formation of sulphur trioxide from ^^® ^^' 
sulphur dioxide and oxygen, and of ammonia from the elements, oess for 

The formation of the anhydride of sulphuric acid froiii faotSre'of 
sulphur dioxide and oxygen — sulphuric 

acid. 

2SO2 + 02^2803 

possesses the very greatest technical importance as the basis of 
the contact process for the manufacture of sulphuric acid. It 
has been studied by many investigators. 

The heat of reaction, according to Berthelot's statement, is 
45,200 g. cal. at ordinary temperatures. The value is calcu- 
lated as the difference between the heat of formation of gaseous 
sulphuric acid and sulphurous acid, and, in view of the marked 
discrepancy between Berthelot's and Thomson's values for the 
heat of formation of sulphur dioxide, is not especially certain. 
It refers to constant pressure. 

The mean specific heat of sulphur dioxide at constant 
pressure has been calorimetrically determined by Eegnault to 
be 9-86 between 10° and 200°. MuUer's determination of the 
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ratio between its specific heat at constant pressure and at 
constant volume is in satisfactory agreement with this, giving 
1'256. Eegnault found the mean specific heat of oxygen over 
this same temperature interval to be 6*96. We do not know 
what the specific heat of sulphur trioxide is, so we cannot com- 
pute the change of the heat of reaction with the temperature. 

We will £^ain refer the reaction energy to the formation of 
a single mol of sulphur trioxide. The heat of reaction at 
ordinary temperatures referred to this quantity is 22,600 cal. 
The formula for the reaction energy says— 

A = Qo - (j'TlnT - <r"T2 - RTfa ^^^ , + const. T 

^ PSO2 X jph^ 

At the equilibrium A = 0, and — 

PS02 pU 

Here the quotient ^-^ is independent of the pressure, since 

the unit of measure cancels from both numerator and denomin- 
ator. We might equally well write per cents, by volume or con- 
centrations in its place, so in the future we will omit the 
measuring factor. 

In actual practice the object is to get the highest possible 
yield of SOg. At any given temperature this will always be 
more fully attained the higher the partial pressure of the 
oxygen in the final product. This is evident when the above 
expression is written as — 

Determi- The constant Kp becomes greater the lower the temperature. 
tbe^equiU- Experience has shown that the formation of sulphur trioxide at 
brinm con- high temperatures is considerably reduced by the strong dis- 
sociation of the sulphur trioxide into sulphur dioxide and oxygen. 
We owe our chief data for determining K^ to Knietsch.^ 

1 BerL Ber,y 34 (1901), 4069. Since then Knietsch has communicated 
some further determinations in which sulphur dioxide mixed with air, carbon 
dioxide, or water- vapour was led over platinized asbestos at constant pressure 
and temperature, and the unchanged^ sulphur dioxide determined (" Bericht 
tiber den iiinften internationalen Kongrefs filr angewandte Chemie," vol. i, 
p. 617 (Berlin, 1904)). 
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They were obtained by passing a mixtul:e of sulphur dioxide, 
oxygen, and nitrogen over platinum. He only stated his 
results in the form of curves, and the partial pressure of 
oxygen must be indirectly calculated, as in the case of the 
Deacon process. This has been done by Brode,^ Bodlander and 
Koppen,^ and by J. d'Ans.^ I shall follow the data given by 
the last. But for our purposes we must make a slight change 
in them, because J. d'Ans did not treat the quantity — 

SOa 1 

X 


SO2 — \/po2 

as a constant, but rather — 

We will therefore take the square root of the reciprocal of liis 
numbers. The results of the density determinations made by 
Bodlander and Koppen are appended to the same computa- 
tion. These two investigators employed a very original 
manometric method. They used two similar quartz vessels 
containing rolls of platinum wire netting. They filled one of 
them with air, and the other with a mixture of sulphur dioxide, 
oxygen, and nitrogen. Both vessels were now heated to about 
600°, and the pressure made one atmosphere in each. The tem- 
perature was then lowered to 413"^. This occasioned a greater 
decrease of pressure in the second than in the first. In the 
first the contraction of the air was due solely to the cooling ; 
but in the second an additional contraction was occasioned by 
the combination of sulphur dioxide with oxygen. This differ- 
ence in the decrease of pressure was a measure of the amount 
of trioxide formed by cooling from the initial temperature to 
413°. But since at 413° sulphur dioxide and oxygen imite 
almost quantitatively, it showed directly how great the dis- 
sociation was in the neighbourhood of 600°, and hence showed 
the location of the equilibrium at this temperature. The use 

^ Given only in Lunge, " Sodaindustrie," 3rd edit., i. 917. 

2 Z.f. Elekirochemie (1903), 787. 

3 Dissertation Darmstadt, '^Das wasserfreie Ferrosulfat und seine 
Zersetzung bei hoheren Temperaturen," printed by Fieucke in Kiel 
(1905). 
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of liigher temperatures was precluded by the observation that 
oxygen was then absorbed by the platinum filings in the quartz 
vessels. The determinations agree excellently with those of 
Knietsch. 


•<o 

723 

Knietsch. 
187-67 

Bodlander. 

R/»K, 

450 


10-369 

500 

773 

72-30 


8-477 

515 

788 

■— 

65-44 

8-290 

553 

826 


2407 

6-300 

600 

873 

14-90 


5-350 

610 

883 


10-50 

4-658 

650 

923 


(4-45) 

2-955. 

700 

973 

4-84 

— 

3-124 

800 

1073 

1-81 


1-172 

900 

1173 

0-57 


-1-108 


There also exist two determinations of the equilibrium 
constant K^, made in the laboratories of the Hochst Farbwerke, 
which, when expressed in our units, give — 


i^ 


465 
515 


rpo 


738 

788 


Kp 


1175 
536 


They deviate very widely, as one can see, from the value in our 
table. According to the statements of the observers themselves 
(Lunge, " Sodaindustrie," i. p. 950), the experiments on which 
they are based are not above criticism, and they may therefore 
be set aside as less certain than the others. The small values 
given by Bodlander and Koppen for 650° in the above table 
fall a little out of line from the other values. Bodlander and 
Koppen admit the possibility of an experimental disturbance 
cording to which would have caused it to come out too small. They have 
«md K6p-' attempted to deduce the heat of reaction from their own and 
pen. Knietsch's observations. For this purpose they have recalcu- 

lated the constant so that it represents Kc instead of K^ This 


Heat of 
the re- 
action ac 
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can be done here by simply multiplying by v/0-0821T.^ From 
this they have computed the heat of reaction at constant volume, 
using van't Hoff's equation (see p. 64) — 


E/nKc - E/iiK'c = Q.Q - ^) 


Bodlander and Koppen found from their measurements that at 
550° it equalled 25,500 cal. At constant pressure it would 
therefore be 25,910 cal. The measurements of Knietsch yield 
(according to Bodlander and Koppen's computation) the rather 
variable values — 

i ... 550 050 750 850 ° C. 

Q, ... 23,280 19,000 18,620 27,125 cal. 

Professor Bodenstein, of Leipzig, has written me personally Boden- 
about a further investigation of this equilibrium which he has j^^J^j 
just completed. His method consisted in passing a mixture tion. 
of sulphur dioxide, air, and nitrogen over hot platinized 
asbestos contained in two quartz vessels. Combination took 
place in the first vessel until equilibrium was almost reached, 
so that in the second and main vessel there was no disturbing 
heat of reaction. The carefully executed determinations gave 
the following results : — 

727 789 832 897 

1000 1062 1105 1170 

1-86 0-956 0-627 0-358 

1-23 -0-089 -0-924 -2035 

A calculation of the heat of reaction from interval to interval 
of the temperature by means of van't Hoflf's equation gave 
much more regular results than did the corresponding calcula- 
tion of Knietsch's measurements. The numbers lie quite close 

* This may be found in the following way : — 

and further 

^2 = 0-0821Tco2 

where po2 is expressed in atmospheres and coa in mols per litre. Finally 
K. = gs. JL = ^'. — ^ = K, X V6^082i"^T 

^^2 VC02 ^^2 / i>02 

V 0-082rx T 


\J • • . 

528 

579 

627 

680 

T° ... 

801 

852 

900 

953 

K. .1. 

31-3 

13-8 

5-54 

3-24 

R/nK, 

6-82 

5-20 

3-72 

2-33 
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to Qv = 21,700, and show no perceptible tendency to increase 
or decrease with the temperature. It appears from this that 
the difference between the specific heats of factors and products, 
referred to constant volume, must be small Yet Bodenstein*s 
numbers, although they probably surpass those of Knietsch and 
of Bodlander and Koppen in accuracy, are hardly accurate enough 
to furnish us certain knowledge of the specific heats. The 
expression — 

R/7tKp = ^^^ - 20-4 .... (8) 

may, however, be deduced from Bodenstein's measurements with 
a degree of approximation sufficiently close for practical pur- 
poses, and in what follows we shall use it. 

Here, just as in the Deacon process, the technical interest 
centres chiefly around the "yield," referred in this case to, the 
amount of sulphur dioxide used. If we call this yield a;, then — 

SO3 

"^"802+ SO3 

where SOa and SO2 represent the fractional parts of the gaseous 

products which these gases make up. The ratio ^^ appearing 

in our formulae is then determined by the relation — 

0.802 + ajSOa = SOg 
(1 - ir)S08 = o^SOa 
S08_ a; 
SO2 "" 1 - a; 
We can therefore write — 


1 - ^ \/i?o, 

and since equation (8) tells us the value of Kj, with sufficient 
accuracy over the whole temperature interval, we can calculate 
the attainable yield. For this purpose it is more convenient to 
rearrange the last equation to — 

1 + Kpv/po.^ 
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We may represent per cents, of the theoretical yield on the 
basis of lOOaj. It can be directly seen from the formula that 
the yield depends directly on Kp, which in its turn is solely 
determined by the temperature. Equation (8) may be used 
without hesitation down to 430°, and according to it, Kj, 
changes from 198 at 430° to 0-36 at 900° Temperature, there- 
fore, has the very greatest influence. On the other hand, the 
dilution of the gas in general afifects the yield but slightly, 
because the partial pressure of the oxygen in the gaseous 
products, which is the only factor which comes into play, exerts 
an influence which is not proportional to itself, but to its square 
root.* 

It is desirable, for practical purposes, to use a formula in 
which the oxygen and sulphur dioxide contents in the gaseous 
products appear instead of the partial pressure ^^oa of the oxygen. 
It is easy to formulate such expressions. There is — 

a = 7o 8^2 in initial mixture 

c = 7o N2 




a + 6 + c = 100 

Further, a?, as before, shall represent the yield, that is, the 
ratio of sulphur trioxide formed to that which could have been 
formed. It is then clear that 0'5flW5 of the 6 parts by volume 
of oxygen would be used up, and that the volume would 
decrease from 100 to 100 — 0*5aaj. If the total pressure is 
kept at one atmosphere, the partial pressure of the oxygen in 
the gaseous product is — 

_ 6 — 0*5 X a X a; 

^^2 - 100 :- 0-5a x x 
and we obtain — 


K^ + 


/ ft — O'Soa? 
V 100 - 0-5aiu 


1 Knietsch, " Bericht tiber den V. Intern. Kongress,'* Z.c., has found that 
dilution has an effect in accordance with the theory, at least, when nitrogen 
or carbon dioxide are used as diluents. On the other hand, the addition of 
large quantities of water- vapour seems to hamper the reaction. 
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This expression is not convenient to use, because it is an 
equation of the third degree with respect to a?. It is easy, 
liowever, to draw a series of conclusions from it, provided one 
assumes that in the most favourable case the yield could be 1, 
that is, the reaction could take place quantitatively. On the 
other hand, the oxygen content in the initial gas mixture cannot 
rise higher than 100 per cent. The highest possible value of 
the radical is therefore 1. Practically all attainable values lie 
below 1. The smaller the value of — 


V 


h — 0*5aa:j 
100 - 5 X ax 


the greater will be the value of the denominator of the quotient 
representing the yield. The greater the value of the radical 
becomes, the nearer will the denominator approach the most 
favourable value Kp + 1. The greater Kp is, so much less 
important is it whether the radical equals to 1 or to J or ^. 
The greater 6 becomes, that is to say, the greater the percentage 
content of oxygen becomes in the initial gas mixture, the nearer 
will the radical approach the most favourable value (1) possible. 
If we have but a trace of sulphur dioxide mixed with pure 
oxygen in the initial gas mixture, then the radical will not 

differ appreciably from 1, and x will simply equal -^ ^ , « If 

the temperature lies between 450° and 500°, where the equilibrium 
constant is about 100, the yield of sulphur trioxide from this 
trace of sulphur dioxide is \%\, or practically quantitative. If 
the temperature lies some 200° higher, where the equilibrium 
constant equals about 3, the yield sinks to iz; = f , or but 75 per 
cent., even in this ideal limiting case. If we imagine a trace of 
sulphur dioxide to be mixed with ordinary air instead of with 
pure oxygen — 


and the yield will now be — 


aj = ^ 


Kp + 2-2 
Between 450° and 500° the yield will still be ■.^^.^ , or almost 
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quantitative. But at a temperature 200° degrees higher the 
trace of sulphur dioxide will not be more than ^§, or about 
58 per cent, converted. We see, then, that the great difference 
in nitrogen makes but little difference at lower temperatures, 
but becomes very important at higher ones. 

In order, finally, to make an actual application to technical The 
conditions, we have computed the following table : — yield in 

practice. 


Initial gas mixture. 


%S02 


7-0 
70 
70 


6 

%03 

%N, 

10-4 
10-4 
10-4 

82 6 
82-6 
82-6 

• 


Temperature 


434 
550 
645 


K^ from 
formula. 


181-0 
20-4 
5-14 


Maximum 
yield in 


99 
85 
60 


The actual experimental yields may easily exceed the values 
calculated for the higher temperatures, provided the gas 
has an opportunity to strike any of the catalyzer as it 
cools off. 

The influence exerted by the composition of the gaseous Clemens 
mixture has been often discussed, because Clemens Winkler, to contribu-* 
whom we owe much of our knowledge of this process, came to the tion to the 
erroneous conclusion that the most favourable composition for the dioxide 
initial gas was 2 vols. SO2 to 1 vol. O2. He reports regarding process, 
the first stages of his procedure in Lunge's " Sodaindustrie." 
It appears from his description that his first ill success was by 
no means due to the unfavourable composition of his gaseous 
mixture. It appears that from 1879 on, in the Muldener smelting 
works, sulphur dioxide gas mixtures containing 7*0 to 7*5 per cent. 
SO2 were passed over platinized asbestos, according to Clemens 
Winkler's advice, and a 45 per cent, yield of SOs obtained, the 
sulphur dioxide content falling to 4 per cent. "It was dis- 
covered in 1889 that the yield of anhydride rose to 85 or 90 per 
cent, on a single passage over the contact substance, if gas 
mixtures were used whose oxygen content considerably exceeded 
that of the sulphur dioxide. Consequently, after that, gas 
mixtures containing but 6 per cent, of SOg were employed." If 
we assume that there was 7*5 per cent. SOg, and 3*75 per cent. 
O2 in the first case, even then a yield of 85 per cent, ought to 
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have been obtained if the temperature of the contact substance 
could have been successfully reduced to 470°.^ 

We only need to substitute 7*5 for a, 375 for &, and 0*45 
for X in our formula to convince ourselves that the constant K^ 
equals 57 in round numbers, and that consequently the tem- 
perature used in the Muldener smelters must have been nearly 
640°. Conversely, the constant would have needed to be 82*4, 
and the temperature about 470° C. (perhaps a little lower) if a 
yield of 85 per cent, were to have been obtained with a gaseous 
mixture of the same composition. But it is exceeding im- 
probable that the sulphur dioxide gases could have been so poor 
in oxygen ; and even if the later increase of the percentage of 
air which reduced the SOa content to 6 per cent, did double the 
yield, the mass action of the oxygen certainly had but little to 
do with this. It is much more probable that the real reason 
lay in the cooling of the contact substance by the dilution of 
. the gas mixture, and that consequently the equilibrium constant 

^^^ acquired a more favourable value. This view is confirmed by 

another statement of Clemens Winkler. He says that if the 
gas mixture which entered the contact chamber containing 70 
to 7*5 per cent. SO2, and left it containing but 4 per cent. SO2, 
were freed from SOg and again passed over the catalyzer, com- 
bination went so far that now but 0*2 per cent. SO2 remained in 
the escaping gases. In this second. operation, then, the yield 

Q.O 

was Tr. or 95 per cent. How impossible it is to explain this 

by mass action, and how natural the result is when we remember 
that in the second operation the diminished heat of reaction of 
the much poorer gases could not heat the contact substance 
nearly so hot ! 

This illustrates, perhaps, how the thermal effects in gas 
reaction may very often completely mask the influence of mass. 
Mass action, because of its simplicity, attracts interest and 
attention, but the thermal effects based on thermodynamic 
considerations which are less generally known, or rather less 
appreciated, are neglected, 
other The great advantage of platinum as a contact substance in 

ca a ye 8. ^j^^ preparation of sulphur trioxide lies in the fact that even at 

1 There is no ground for assuming insufficient contact substance, or a too 
rapid passage of the gas. 
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a temperature below 500°, it catalyzes the reaction sufficiently 
to allow us to utilize the very favourable location of the 
equilibrium at this temperature and yet employ rapid currents 
of gas. All other catalysts work less satisfactorily. Nothing 
is easier than to find catalyzers for the formation of SO3. As is 
generally the case in gas reactions at high temperatures, almost 
any indifferent rough surface hastens the reaction. Knietsch 
has illustrated this effect very prettily by replacing the platinized 
asbestos with fragments of porcelain. The velocity of formation 
of sulphur trioxide is much smaller at relatively low tempera- 
tures, and the equilibrium is far from reached. But the higher 
the temperature, the more nearly does the action of the broken 
porcelain approximate to that of the platinum, and at 850° there 
is but little difference between the two. Yet at this temperature 
the location of the equilibrium is so unfavourable (Kp < 1) that 
this catalyzing effect is without technical importance. According 
to a well-known principle of physical chemistry) first stated 
by Ostwald, every catalyst accelerates the reaction and the 
counter-reaction in the same degree, provided it remains itself 
unaltered. In fact, Knietsch has found that the rate of 
decomposition of sulphur trioxide by broken porcelain is quite 
analogous to the rate of formation of sulphur trioxide under the 
same conditions. On the other hand, when sulphur trioxide was 
passed at 900° through smooth porcelain tubes under conditions 
which were otherwise the same, the decomposition was very 
slight, due to the absence of rough surfaces. We may conclude 
from this that only small quantities of sulphur trioxide, compared 
with the theoretical amounts, would be formed in smooth tubes 
at 900°. 

But easy as it is to find substances which will catalyze, it is 
very difficult to find substances which will catalyze well. 
Among those which people have hoped would replace platinum, 
ferric oxide, or more particularly the ashes from the pyrite ovens 
in the manufacture of sulphuric acid, has acquired the greatest 
importance. To be sure, its catalytic action compared with that 
of platinum is shown by Knietsch's curves to be small, and 
experiments by Lunge and Pollitt ^ have confirmed this. The 
relation of the equilibrium point to the decomposition potential 
of ferrous and ferric sulphate which here comes into play, has 

* Z.f, angew. Chemie, 15 (1902), 1105. 
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« 

been studied by J. d'Ans (/.c.) at Keppeler's suggestion. Lunge, 

in his handbook, states that the relatively high yield of from 60 

to 66 per cent, was obtained with these ashes. Other statements 

indicate a smaller yield. It is still an open question whether 

equilibrium is reached using this substance as a catalyst. 

Case v.— It remains for us to consider the formation of ammonia from 

mation"of ^^® elements. The subject has been carefully investigated by 

ammonia. Haber and Le BossignoP after a preliminary treatment by 

Haber and van Oordt (see p. 259). They determined the 

quantity — 

using iron, manganese, nickel, chromium as catalyzers. 

This reaction is hampered by the peculiar difficulty that 
even with manganese and iron, so far its best known catalyzers, 
a quick adjustment of the equilibrium is not reached below a 
temperature of 750°, where the ammonia is almost completely 
split into its elements, at least under ordinary pressure. 

In the formation of sulphur trioxide it was all important to 
keep the temperature low where the equilibrium constant has 
a high value. Here the problem is to find a catalyzer which 

» BerL Ber., 40 (1907), 2144. The experiments of Haber and van Oordt 
being insufficient for a very accurate deduction of the equilibrium, a new 
investigation was carried out, especially because Nernst privately informed 
the author that experiments with high pressures gave him comparatively 
lower figures. 

Baur {Z. anorg, Chemie, 29 (1902), p. 305, and Ber. d, d, Chem. Oes., 
34 (1901), 2395) has made electro-chemical measurements on the electrolysis 
of ammonia. He concludes from his observations that ammonia is formed at 
25° with a reaction energy corresponding to 0*627 volt. Expressed in 
calorimetric units, this gives 37*470 cal. per mol for the free energy. It is 
impossible to harmonize this with our measurements, for according to Bauer, 
ammonia would then have a partial pressure of 0*39 atmosphere when the 
nitrogen and hydrogen were at atmospheric pressure, or, more precisely, 
atmospheric pressure minus the partial pressure of the ammonia. I am of 
the opinion that Bauer's observations do not prove that ammonia is being 
formed or decomposed reversibly, and consequently do not consider that his 
measurements can tell us anything certain about the energy of the formation 
of ammonia. Berthelot's statements regarding the ammonia equflibrium 
(" Mechanique chimique," ii. (1897), 375) are either wholly meaningless or 
inapplicable. 
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will catalyze at these low temperatures, so that they may be 
used. Iron, the best catalyzer at present known for this re- 
action, is far inferior even to so poor a catalyzer of the sulphur 
trioxide reaction as broken porcelain. But we can predict, at 
least approximately, what results could be attained with a good 
catalyzer. 

We will first write our formula for the reaction energy — 

A = Qo - <r'pT/7iT - <r"T2 - RT/n-j^5?^ + const. T 

and observe that 12,000 cal. are evolved in the formation of 1 
mol of ammonia at ordinary temperatures and at constant 
pressures. We further note that, according to WuUner, the 
true specific heat of ammonia per mol at constant pressure and 
at 0° is 8-54; at 100°, 907 ; and at 200^ 959 ; while the mean 
specific heats of the permanent gases at constant pressure 
between 0° and T° may be taken with sufficient accuracy as 
equal to 6*64 + 0*0003T. Putting the mean specific heat of 
one mol of ammonia at constant pressure between 0° abs. and 

X° abs. 

61 + 0-002T + 2-64 x lO-^r 

the true specific heat will be — 


61 + 0004T + 7-82 x IG'^T^ 

this being at 200° equal to 9*76, in fairly good agreement with 
Wiedemann's figure. On the other hand, combining this value 
with the above-given expression for the specific heat of per- 
manent gases, justified by the measurements of Holborn and 
Henning, we get for the difference in the specific heats of factors 
and products — 

CXpenn.ga8e«) = 13-28 + 00006T 

CpcNHs) = 61 -I- 0-0002T -f- 2-64 x 10-«T^ 

From this we find — 

Qo = 10,100 cal. 
and 

A = 10,100 - 7 18TfeT -f. 1-4 x lO-^T -f- 1*32 x lO-^T^ 
+ 21-98T - RT/71. /^"» , 
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The 

possible 

yield. 


The value 21*98 corresponds to the experimental data, as will 
be seen by computing the equilibrium constants from this 
formula and comparing them with the experimental results, 
which were as follows : — 

Degrees C. 1000 930 850 800 750 700 

10% found 1-48 200 279 3-33 4-68 ca. 6*8 
10*Kpcalc. 1-45 190 277 3-60 486 6-8 

To simplify the calculation the following form of the above 
equation may be used : — 

logio Kp = ^ - 3-626 logio T + 307 X 10-^T 

+ 0-29 X 10-«T2 + 4-82 

If we calculate, with the aid of this formula, the composition 
of mixtures of nitrogen, hydrogen, and ammonia which are in 
equilibrium at atmospheric pressure, and assume that the 
nitrogen and hydrogen are present in equilibrium quantities 
(NatHa = 1:3), we find— 


Temperatare , 
inOC. 

Vol. %H2 
2-76 

Vol. % Na 
0-92 

Vol. % NH3 

27 

96-32 

327 

73-75 

24-58 

1-67 

027 

74-97 

24-99 

0-039 

930 

75-0 

25-0 

0-0065 

1000 

75-0 

25-0 

0-0048 


It is evident from this table that ammonia could be obtained in 
good yield at low temperature just as sulphur trioxide could, 
provided we could only find a catalyst which would act as 
efficiently on the nitrogen mixture as platinum does on the 
mixture of sulphur dioxide and oxygen. 

The attainable yield of ammonia from a given amount of 
nitrogen may here be represented with the help of the partial 
pressures in the gaseous products by — 




?^NHj 




or 
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Similarly, the yield from a given amount of hydrogen would be — 

i'^i?H2 +i?NHs 1 - y i'5pH2 

The equilibrium condition may be written as — 


K« = -^^-"H^- = >f^-^ X —4^^ or 


Substituting the expressions for the yield in this, we get — 

^ 1 - a? V pjj^a 1 . y ^^^^ ^ ^^^ 

These expressions are somewhat complicated, but this much 
is directly evident from them. When we wish to convert 
nitrogen at all completely into ammonia, we must use a gaseous 
mixture containing much hydrogen and but little nitrogen. 
The utilization of the hydrogen is then, of course, about as 
incomplete as possible. But if we wish to make ammonia 
in this way we could do as is done at the Muldener Smelters : 
we could remove the ammonia formed by absorption, and repeat 
the process after haviog added a little nitrogen. In this way 
no hydrogen would be lost. 

The reverse attempt to obtain the highest possible yield of 
ammonia from a given amount of hydrogen never has so good 
chances of success. If we try to accomplish this by using a 
mixture containing much nitrogen and but a little hydrogen, 
then very little ammonia is formed, as the experiments of Haber 
and van Oordt have shown. Noting that when the content of 
ammonia is small, the sum of the partial pressures ^^2 a-nd 
JPH2 is practically identical with the total pressure, we may 
write as an approximation — 

p\u, = ^\ X Pn. X i?«H, = KV H,(l - pn,) = KVi^^H, - p%) 

or — 

Pnhs = ^pvVh, - p% 

If, now, the partial pressure of the hydrogen has the value 0*99 
atmosphere in one case and 0*01 atmosphere in another ; that is, 
if in one case we use almost pure hydrogen and in another 
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almost puie nitrogen, the ratio of the quantities of ammonia 
which we obtain in the two cases is — 


i^NHs// ^ 0018 - 001* 

The use of nearly pure nitrogen then depresses the ammonia 
content of the gaseous product till it is about 100 times smaller 
than when we started with almost pure hydrogen. It con- 
sequently escapes observation. 

On the other hand, if we wish to choose conditions such that 
the yield of ammonia from the hydrogen will be a maximum, 
we make use of the easy transformation — 


0-67Kp\/AxH. 
y 1 + 0-67\/2>tirx A 

where the partial pressures as usual refer to the escaping gas. 
We see that this expansion gives a maximum value lor y when 
the product PjJ X 'p^ has a maximum value. This happens when 
the escaping gas contains as much nitrogen as hydrogen. 

Recurring for the last time to our equation for the formation 
energy of ammonia, we observe that the value of the last term 
in this equation, 21-98T, is surprisingly large. It indicates 
that our assumptions regarding the specific heats are incomplete, 
and we surmise that a more exact knowledge of the specific 
heat of ammonia would so alter the expression that the constant 
would come out smaller. The numbers relating to the location 
of the equilibrium would thereby be somewhat changed, but the 
general ideas regarding the formation of ammonia which we 
have derived from our equation would suffer no alteration. 

The peculiar inertness characteristic of nitrogen, which 
appears so prominently in the preparation of ammonia from 
the elements, reminds us of the condition which we described 
in connection with the formation of nitric oxide. There we 
found that nitric oxide decomposed but slowly into the elements 
at an intense white heat. This peculiar inertness of nitrogen 
will always place a serious handicap on the cheap technical 
preparation of ammonia, particularly so long as the tremendous 
amount of combined organic nitrogen with which Nature has 
provided us lasts. Nature brings about the transformation of 
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elementary nitrogen into ammonia and nitric acid in her slow 
way with the greatest facility and on a most colossal scale. 
While she has accumulated nitrates at but one place on the 
earth's surface in sufficient quantities to mine — and its exhaustion 
is imminent — she has provided for us a much richer and more 
varied supply of combined nitrogen easily convertible into 
ammonia. 


SIXTH LECTURE 

THE DETERMINATION OF THE SPECIFIC HEATS OF GASES 

There are both direct and indirect methods for determining the 
specific heats of gases. Of the direct methods only those which 
give the specific heat at constant pressure yield results of any 
accuracy. Of the indirect methods there are two which are 
particularly important, and results obtained by them have 
found frequent mention in the preceding lectures. 

One of these indirect methods consists in measuring the 
pressure produced by explosions. Knowing the heat evolved 
by the explosive reaction, we can tell from this pressure what 
the mean specific heat is between the room temperature and the 
temperature attained during the explosion at constant volume. 
The other indirect method depends on the determination of 
the ratio between the true specific heats at constant volume 
and at constant pressure. 
First de- Crawford ^ first investigated the specific heat of gases. He 

tennina- sought to measure the difference between the heat given off 
apecifio froDi a metallic vessel when evacuated and when full of gas, 
heat of a when the vessel was heated to a definite temperature and then 
plunged into a water-calorimeter. But in this case the heat 
capacity of the gas is so small compared with that of the con- 
taining vessel, that it is impossible to obtain results of any value 
by this method, unless we have a calorimeter of extreme 
delicacy. It was only much later that Joly^ and Bunsen^ 
constructed such an instrument. Indeed, with Crawford's 
apparatus, it was impossible to obtain even approximately 
correct values. Thus he found the specific heat of air eight 
times greater than it really is. 

^ Gehler's " PhysikaJ. Worterbuch," 2nd edit., vol. 10, section 1. 

2 Joly, Proc. Royal Soc, 41 (1886), 352. 

3 Bunsen, Wied. Ann,, 31 (1887), 1. 
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The use of greater quantities of gas would, of course, in- Experi- 
crease the accuracy of the determination, but at the same time ^®^*? ?^ 
it necessitates a change in the method of procedure. A and 
closed vessel large enough to contain a sufficient quantity of ^"^P^**'®- 
gas would require a calorimeter of impossible dimensions. 
Consequently we abandon closed vessels, and resort to the 
device of passing a hot gas through a colder calorimeter, and 
measuring the heat it there gives ofiF. In this way we are no 
longer determining the specific heat at constant volume, but at 
constant pressure. Lavoisier and Laplace,^ who first employed 
this method, using an ice-calorimeter in conjunction with it, 
immediately got better values than those of Crawford. Yet 
even their results are quite divergent from the true ones. 

It is easy to obtain large and easily measurable heat changes 
by passing large quantities of gas through a metal spiral en- 
closed in such a calorimeter, but, unfortunately, several sources 
of uncertainty are thereby introduced. The gas must, of course, 
be brought in a tube from the heating chamber to the calori- 
meter. It is not difficult to determine the temperature in the 
heating chambers, but it is much more difficult to ascertain the 
temperature change between the exit from the hieating chamber 
and the entrance into the calorimeter. It does not suffice to 
place a thermometer where the gas enters the calorimeter coil, 
for if the temperature of the gas does not coincide with that of 
the surrounding metal cell at this point, then the reading of the 
thermometer will be determined as much by the radiation from 
the walls of the tube as by the temperature of the gas itself. 
Its readings are, therefore, incorrect. By bringing the heating 
chamber right up to the entrance of the calorimeter, we can, to 
be sure, cause the gas to enter the calorimeter at the tempera- 
ture of this heating chamber. But in this case the heating 
chamber heats the calorimeter at the junction, and may easily 
affect the calorimetric results. Eegnault was the first to over- 
come these difficulties. 

Before perfecting this difficult method experimenters Gay Lus- 
naturally looked about for a simpler one. Gay Lussac devised ^p^g^'^g 
a method by which he could measure specific heats, at 

^ Regarding these and other older experiments, see Regnault^s historical 
treatment of the subject in the Memoires de V Institute de France, 26 (1862), 
1 to 40. 
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least relative to air, by a purely thermometric comparison, 
without using the heat changes of a calorimeter. We have 
already become acquainted in the transpiration experiment 
with the first method which he tried. A holder full of air and 
enclosing a thermometer was suddenly put in connection with 
a similar evacuated vessel containing a second thermometer. 
When the gas rushed over, the temperature in the first vessel 
sank by the same amount that it rose in the second. The same 
thing happened when other gases were used instead of air. 
The magnitude of the two opposed temperature changes was 
different with different gases, and varied with the density. 
Gay Lussac at first tried to draw conclusions regarding the 
specific heat of the gases from these measurements, but soon 
convinced himself that the variations in behaviour of the 
gases used depended on the rapidity with which their tem- 
perature changes were transmitted to the thermometer. This, 
however, is a function of the thermal conductivity of the gas. 
He, therefore, changed his procedure to one which agrees in 
principle with the ordinary method of mixing. According to 
this latter method, we find the specific heat of an insoluble solid 
by simply heating a known weight of it to f, and letting it 
fall into water at ^'°. A determination of the final temperature 
sufi&ces for a calculation of the specific heat of the solid in 
terms of that of water. Gay Lussac caused a current of air of 
known temperature and velocity to mix with a current of the 
gas under investigation at another known temperature and of 
known velocity. Knowing the final temperature, it must also 
be possible in this case to calculate the specific heat of the 
gas referred to air. As Begnault asserts, the method is 
theoretically free from criticism, yet involved difficulties in 
actual execution which Gay Lussac could not overcome. 
Apiohn Apjohn^ and Suermann^ again undertook to measure the 

^^ specific heats of gases in another way without using a calori- 

mann'sex- meter. Their results were equally unsatisfactory. Their idea 
periments. ^j^ ^ abstract a known quantity of heat by some device from 
a gas, and to measure the consequent fall in temperature. 
The devise they hit upon was to allow water to evaporate into 
a current of the dry gas. Knowing the weight of water 

1 PAiYos. Mag,y 13 (1838), 261 and 339. 
« Fogg. Anik,, 41 (1837), 474. 
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evaporated, it was easy to calculate the heat absorbed, and 
from the measured temperature fall, the specific heat of the 
gas. 

Delaroche and B^rard,^ returning to the use of the calori- Experi- 
meter, obtained the first really successful results. They caused Seiche 
the gas under investigation to escape from a bladder into a tube ^^ 
surrounded by a vapour jacket. The tube was connected to a ^' ' 
water-calorimeter containing a metal spiral, through which the 
gas passed and was cooled. The cooled gas was collected in a 
second bladder. Simply turning a couple of cocks caused the 
gas to escape from the second reservoir and to pass through the 
heating coil back into the first reservoir. This could be 
repeated as often as desired, and so a small quantity of gas 
would suffice to communicate a large and easily measurable 
quantity of heat to the calorimeter. On the one hand, the 
specific heat of a large number of gases was measured relative 
to air, and on the other, the absolute specific heat of air was 
measured, several procedures being employed to obviate the 
imcertainties caused by the radiations of heat from the 
calorimeter to the surroundings, and by the conduction of heat 
to the calorimeter from the heating chamber along the con- 
necting tube. Their results were much nearer the truth than 
any previous ones.^ 

Delarive and Marcet ^ later undertook a reversal of Experi- 
Delaroche's and Berard's method, yet with but slight success. Sef^ve 
They let a current of gas blow into a calorimeter which was and Mar- 
specially protected against any heat exchange with the sur- ^^' 
roundings. The temperature of the calorimeter was higher 
than that of the entering gas, and the fall in temperature 
caused by the passage of the gas theoretically permitted a 
calculation of the specific heat of the gas relative to the air. 

Regnault was the first to get really good results. He Begnault's 
elaborated the arrangement of Delaroche and Berard with the ®^P^^- 

, , , lUGIltS. 

greatest attention to detaiL His experimental arrangements 
are shown in Fig. 5. 

The gas was taken from a copper vessel of 35 litres capacity, 

> " Annales de Chimie par Guyton de Morveau," etc., 85 (1813), 72. 

2 Experiments by Haycraft with an apparatus even more complete in 
principle yielded no serviceable results (Gilbert's Ann,^ 76 (1824), 289). 

3 Ann, Ohim. Phys., 75 (1840), 113. 
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into which it had been previously forced through the tube gba by 
means of a force pump. The copper vessel was contained in a 
water-bath, ABCD, whose temperature was measured by the 
thermometer T, while the stirrer mnq^ kept the water in motion. 
The pressure in the copper vessel was determined by the 
attached manometer ef. The bottom tap ky which was closed 
hermetically below, allowed him to bring the copper vessel in 
communication with the atmosphere. 

In an experiment, the gas shut up in V, where its temperature 
and pressure were known from / and T, escaped through dAtR 
and the fine reducing valve U into the circuit oxtya^ leading 
to the heating coil. A capillary glass tube was cemented in at i. 
The screw of the reducing valve XJ was graduated, and the 
straight edge vw made it possible to return to any initial point. 
During the experiment the valve was regulated by hand, so that 
the manometer MM' showed always the same difference of 
pressure aj3. The gas, therefore, entered the capillary t always 
at the same pressure, and consequently passed through it and 
the remaining circuit at the same speed, provided the atmospheric 
pressure did not change in the mean time. 

The current of gas then passed through a metallic spiral, 
8 mm. in bore and 10 m. long. This coil lay in a box, ABCD, 
which was heated by a burner from below. This box, in turn, 
rested in a larger lead box GLL"K, which protected it- from 
the outer air, and increased the constancy of the temperature. 
The box ABCD was filled with oil, which was constantly 
stirred. The temperature was measured by the thermometer T. 

Begnault's most unique device was his method of attaching 
his heating apparatus to the calorimeter. The bath ABCD 
was made to belly out at one place, and the heating coil extended 
1 cm. out through and beyond this protrusion. The end of the 
coil is fitted by means of a cork into a thin-walled glass tube 
ending in the calorimeter vessel/. The calorimeter was a brass 
pot, in which were placed three brass boxes v.\ There was a 
metallic spiral in each box prolonging the path which the gas 
must follow through the box. The calorimeter rested upon 
cork wedges in a protecting mantle. The temperature of the 
water in the calorimeter was measured with a thermometer 
graduated to ^^^ and permitting ^^^° to be estimated. A 
stirrer moving up and down kept the water well mixed. 
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Regnanit's When the gas had passed through the last box it escaped 

determi^ freely into the atmosphere. The cross-section of the gas-pipe 

nation. in the calorimeter \ras such that there was no appreciable 

change of pressure nor any expansion of the gas which might do 

work against the atmosphere, and thereby involve a loss of 

heat.^ 

In order to obtain serviceable values by this method of 

experimentation, it was necessary to carry out certain accessory 

measurements with great accuracy. In the first place, the 

quantity of gas which the copper reservoir gave off when its 

pressure fell from the initial value 'Pa to the final value pt during 

an experiment, must be measured with the greatest care. Then, 

too, it was necessary to find the most suitable velocity w4th 

which the gas should be passed through the system. If the 

velocity was very small, the gas had time, after its exit from the 

heating coil and before its entrance into the calorimeter, to give 

off a perceptible quantity of heat. When its velocity was very 

great, the time spent in the calorimeter was not sufiicient for 

the gas to cool to the temperature of the calorimeter. Finally, 

it was necessary to carefully ascertain before and after each 

experiment what heat changes were occasioned in the calorimeter 

by outside disturbances. 

Regnault's Eegnault constructed coils and calorimeters of platinum for 

expert ^^ ^®® ^*^^ chlorine and other gases which acted on brass. In 

mentwith this case the gas was led out of the calorimeter into some 

^e^and absorption apparatus, and its mass determined from the gain 

with in weight. For determining the specific heat of easily con- 

vapours. (j^nsible vapours, Eegnault adopted a procedure which we 

have already described in the Fourth Lecture. The results 

Eegnault obtained are collected in the following table : — 

* Leduc, Comp, Rend,, 106 (1896), 1860, calls attention to the fact that 
Regnault*s statements in this regard are not necessarily conclusive, and by 
taking account of a slight deviation which Regnault called equal to zero, the 
specific heat of air comes out -^ smaller than Eegnault calculated. 
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Regnault's Specific Heats at Constant Pkessuke.^ 


Gas. 


^J^ll ••• ((a •• 

Nitrogen 

Oxygen 

Hydrogen 

Carbon monoxide 
Nitric oxide 

Chlorine 

Hydrochloric acid 
Bromine 

Carbon dioxide .. 

Nitrous oxide .. 
Sulphur dioxide ,. 
Hydrogen sulphide 

Tt awCr ••• ••« ••< 

Carbon bisulphide 

Ammonia 

Phosphorus trichloride 
Arsenic trichloride 

Methane^ 

Chloroform 
Silicon tetrachloride 
Stannic chloride 
Titanium tetrachloride 
Methyl alcohol ... 

Ethylene* 

Ethyl chloride 7 ... 
Ethyl bromide ... 
Ethyl mercaptane ^ 
Ethyl cyanide^ ... 
Ethylene choride 
Ethyl alcohol ... 

Acetone 

Benzene 

Ethyl ether 
Ethyl acetate i<> ... 


Formula. 


0, 

c-d 

NO 
CL 
HCl 
Br^ 

COo 


N2O 
SO, 
SHa 

CSj 

NH3 
PC13 
ASC13 

CH, 

CHCI3 

SiCl, 

SnCl^ 

TiCl^ 
CH3OH 

C2H4 

C,H,C1 

C^HgBr 

C2HgSH 

C^HgCN 

C2H^Cl2 

CaH.OH 

CH3COCHS 

CeHg 
C.HioO 


Specific 

heat per 

gram. 


[0-2375]J 
0-2438 * 
0-2175 
3-4090 
0-2450 
0-2317 
0-1210 
0-1852 
0-0555 
0-1843 
0-2025 
2169 
0-2262 
0-1544 
0-2432 
0-4805 
0-157 
0-5084 
0-1347 
01122 
0-5930 
0-1567 
0-1322 
0-0939 
0-129 
458 
0-404 
0-273 
0-190 
0-401 
0-426 
0-229 
0-453 
0-4125 
0-375 
0-480 
0-401 


Mole- 
cular 
weigkt 


28-08 
32 00 
2-016 
28-00 
30-04 
70-9 
36-458 
159-92 

44-00 

44-08 

64-06 

34-086 

18-016 

76-12 

17064 

137-35 

181-35 

16-032 

119-36 

141-80 

260-80 

189-90 

3203 

28-03 

64-49 

109-0 

62-11 

55-08 

98-93 

46-05 

58-05 

78-05 

74-08 

88-06 


Specific 

heat 
permol. 


6-846 
6-960 
6-873 
6-860 
6-960 
8-579 
6-752 
8-876 
8-109 
8-910 
9-544 
9-970 
9-891 
8-290 
8-657 
11-95 
8-675 
18-50 
20-35 
9-106 
18-70 
18-75 
24-49 
24-50 
14-67 
11-32 
17-61 
20-71 
24-91 
23-46 
22-65 
20-86 
23-95 
29-27 
35-56 
35-31 


\ 


Temperature 
interval o C.^ 
Z.T, = room 
temperature. 


-30to+200\ 
Z.T. to 200 
Z.T. to 200 
Z.T. to 200 
Z.T. to 190 
Z.T. to 170 
Z.T. to 200 
Z.T. to 200 
83 to 228 y 

-30 to +10\ 
10 to 100 

100 to 200 
Z.T. to 180 
Z.T. to 200 
Z.T. to 210 

125 to 215 
70 to 194 

Z.T. to 218 
111 to 246 
159 to 268 

Z.T. to 208 \ 

117 to 228 

90 to 234 ) 

149 to 273 I 

162 to 272 / 

101 to 223 \ 
Z.T. to 200 ^ 
Z.T. to 203 

78 to 196 
120 to 223 
114 to 221 
111 to 221 

114 to 222 
129 to 233 
116 to 218 

65 to 230 , 

115 to 219/ 




No. of 
atoms 

in 
mole- 
cule. 


3 


5 


above 
5 


1 Regnault usually gave several more decimal figures, although the fourth, 
and with many substances the second and third, decimal figures were uncertain. 

2 In round numbers. 

3 Not per gram, but per litre at 0° and 76 cm. pressure. 

* Not directly determined, but computed from values obtained for air and 
oxygen. 

^ Prepared from sodium acetate and lime. Analysis showed that it was 
not quite pure. 
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Wiede- Eilhard Wiedemann* was able to considerably simplify 

K^imente! Begnault's method by replacing his heating coil and calorimeter 
vessel by others of smaller dimensions and more manageable 
constraction. This heating apparatus consisted of a copper box, 
M (Fig. 6), 20 cm. high, 18 cm. broad, and 21 cm. long, having 
the protrusion P devised by Eegnault on its right side. Instead 
of the heating coil, it contained a copper cylinder, G, 4 cm. in 
diameter and 11 cm. long,, packed full of fine copper turnings. 
The gas entered through the tube mn^ and escaped through the 
tube 0. As far as s the tube was of copper, but the small piece 
(17 mm. long) extending beyond the tip of the protruding part 
of the calorimeter was of German silver, which is a relatively 
poorer conductor of heat. As in Eegnault*s apparatus, the 
calorimeter was connected with the heating apparatus by means 
of a cork. The liquid in the heating bath was kept agitated by 
the stirrer V, and its temperature was read on the thermometer t. 
The temperature was constant during an experiment to within 
1®. The calorimeter was a very small silver vessel 5J cm. high 
and 4*2 cm. in diameter. Inside of it were arranged three 
small vertical silver tubes 41 mm. long and 9 mm. in diameter, 
filled with silver turnings. Passage through a single one of 
these tubes was sufficient to cool the hot gas down to the 
temperature of the calorimeter. 
The ad- The use of metal turnings in the heating chamber and in 

vantege the calorimeter was the most important improvement devised 
mann's by Wiedemann. The extraordinarily increased rapidity of heat 
modiflca- exchange between gas and wall thus obtained made it possible 
to construct the whole apparatus on a smaller and more 
compact scale than was possible for Eegnault. A second 
fortunate alteration in the construction consisted of an arrange- 
ment by which the temperature of the gas could be measured 

1 Fogg. Ann,, 157 (1876), p. 1. 

^ Prepared from alcohol and sulphuric acid ; washed with sulphuric acid 
and potassium hydroxide solution ; douhtless impure. 

^ Prepared from concentrated hydrochloric acid and absolute alcohol, 
washed with water, liquefied, dried over calcium chloride, redistilled. 

^ From potassium sulphide and calcium ethylsulphate ; washed with 
water and distilled from calcium chloride. 

^ From potassium cyanide and calcium ethylsulphate. 

'^ From sodium acetate and calcium ethylsulphate. 
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without any appreciable error due to radiation. This is 
illustrated by F in the figure. Two tubes are joined together 
in such a way that the gas first flows through the inner tube, 
communicating its heat to the thermometer inserted therein, and 
then escapes through the outer tube, which serves in this way as 
a protecting jacket to the inner tube. (To eliminate any effect 
from external currents of air, the tubes are enclosed in a wooden 
box.) Wiedemann used this arrangement chiefly for measuring 
the temperature of his gas as it left the reservoir. Occasionally 
he used it to show that the gas as it moved from the heating 
chamber was really at the temperature of the heating bath. 

Wiedemann substituted a rubber bladder, Q, of 20 litres 
capacity, enclosed in the large bottle C for the copper reservoir 
of Eegnault. Water flowing into the air-chamber B forced air 
over into C. This in turn forced the gas contained in the 
rubber bladder through the apparatus. B stood upon scales, 
and its gain in weight told directly the volume of gas expelled. 

The remainder of his apparatus presented no unusual 
features, a? is a bubble counter (sulphuric acid) ; y is a tower 
to catch any spray from the acid ; ;» is a shield to protect the 
calorimeter from the radiation of the heating chamber ; A; is a 
perforated cork supporting the calorimeter ; and y is a water- 
reservoir which furnishes water at room temperature for the 
double-walled brass jacket X surrounding the calorimeter. A 
cross-section of the calorimeter, showing the three silver tubes 
a, S, c, the gas inlet tube j3, the stirrer r, and the thermometer ty 
is also added to the figure. 

Wiedemann, like Eegnault, restricted himself to temperatures 
below 200°. His results are collected in the following table : — 

Wiedemann's Values for the Specific Heats at Constant Pbessure. 



True specific heat per 

True 

specific heat per 

For 

gram at 


molat 


OO 

lOOo 

200O 

0° 

lOOO 

200O 

xxll ••• •■• •■• ••• 

0-2389 






Hydrogen 

3-41 



6-874 

— 


Carbon monoxide ... 

0-2426 

— 


6-793 


— 

Carbon dioxide 

0-1952 

0-2169 

0-2387 

8-589 

9-544 

10-50 

Nitrous oxide 

0-1983 

0-2212 

0-2442 

8-741 

9-750 

10-76 

Ammonia 

0-5009 

0-5317 

0-5629 

8-547 

9-073 

9-605 

Ethylene 

0-3364 

0-4189 

0-5015 

9-43 

1174 

14-06 
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Holborn and Austin * recently so altered the method that an Expert- 
initial temperature of 800° could be used, and so made it possible Sorboru 
to measure the specific heat of gases over a much larger range, and 
They heated their gases electrically in a nickel tube 8 mm. in 
diameter and filled with turnings. The gas was taken from 
commercial bombs, led through a long drying tube, then through 
the heating tube, and into a short connecting tube of porcelain. 
This last takes the place of the cork connection of Eegnault. 
Tlie gas then escapes into a silver calorimeter containing 1 J litres 
of water. The temperature of the gas was measured by a 
platinum- rhodium thermoelement (according to Le Chatelier) 
just before it entered the calorimeter. The wires of the thermo- 
element were 25 mm. thick, and isolated by thin quartz 
capillaries. The junction was protected by a special device 
against radiation from the sides of the tube, and against heat 
conduction. The gas finally entered a rubber bag contained in 
a bottle. As the bag expands water is expelled from the bottle, 
and the change in weight is noted. The mean specific heat 
between — 

20° and 440° C. 

20° „ 630° a 
20° „ 800° C. 

was determined. The following values per gram for air, nitro- 
gen, and a mixture of oxygen with 9 per cent, nitrogen were 
obtained. Eegnault's values are appended in brackets. The 
values for pure oxygen are calculated from the observed values 
of the mixture of oxygen with 9 per cent, nitrogen and that of 
pure nitrogen. 


Mean specific 
heat between 

N, 

O2 with 

9 % Nj. 

O2 pure. 

Air. 

(0-2375) 
0-2366 
0-2429 
0-2430 

Air calcu- 
lated from 
N2 and Oa. 

10° and 200° 
20° „ 440° 
20° „ 630° 
20° „ 800° 

(0-2438) 
0-2419 
0-2464 
0-2497 

0-2255 
0-2314 

(0-2175) 
0-2240 
0-2300 

0-2377 
0-2426 


Holborn and Austin remark that their numbers for air 
and nitrogen agree satisfactorily with Eegnault's, while their 

* Sitzungsher, der Kgl, preuss. AJcad., 1905, p. 175. 
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number for oxygen differs considerably from that of Eegnault. 
They conclude, from a control experiment which they made 
with air between 25° and 250^, that Eegnault's value for the 
specific heat of oxygen must be raised to 0*2206 if the number 
02375 for air is to -be taken as correct. They estimate the 
absolute accuracy of their observation as about ± 1 per cent. 
The observed change of the specific heat with the temperature 
is so slightly greater than ± 1 per cent, that the change of the 
specific heat with the temperature cannot be determined from 
the data given for the simple gases. 

Taking this result in connection with that of Stevens' 
mentioned before (p. 132), we may conclude that the specific 
heats of the permanent gases increase less rapidly with the 
temperature than corresponds to the formula — 

4-76 + 000122^ 

which Mallard and Le Chatelier computed from their experi- 
ments with the crusher. On the other hand, Mallard and 
Le Chatelier's former assumption — 

4-8 + 00006^ 

which Langen accepted, and which Schreber's re-calculation of 

Langen's results altered but slightly, is in agreement with the 

results of Holborn and Austin.^ 

As one would expect, Holborn and Austin found that the 

specific heat of carbon dioxide was markedly dependent on the 
values for temperature. Their values (with Eegnault's appended in paren- 
dioxide thescs) are collected in the following table : — 


Holborn 

and 

Austin's 


Specific heat at constant 
pressure between 


Specific heat per gram. 


20° and 200° 
20° „ 440° 
20° „ 630° 
20° „ 800° 


Observed. 


Calculated. 


(0-2168) 
0-2306 
0-2423 
02486 


0-2173 
0-2312 
2410 
0-2486 


* According to Kalahne's' criticism of Stevens* experiments (see later), the 
increase of the specific heat of the simple gases, instead of being greater, is 
really smaller. 


DETERMINA TION OF SPECIFIC HE A TS OF GASES 221 

The " calculated values " were obtained from the formula — 
C(o. = 0-2028 + 0-0000692^ - 0-0000000167^ 

which, in turn, was derived from the actual measurements. We 
can obtain the true specific heats referred to a gram of carbon 
dioxide and at constant pressure by multiplying by t and differ- 
entiating with respect to L This gives — 

ctrne = 0*2028 + 0-0001384^ - 000000005^2 

Calling ^ = — 273®, we get for the true specific heat at absolute 

zero — 

c = 0-1613 

If, finally, we replace the gram by the gram molecule as a unit 
of mass, we get — 

cto.T) = 7-097 + 0-003045T - 0-000000735T2 

If we attempt to express the increase of the mean specific 
heat with the temperature between 200° and 800° by a linear 
expression, we find that the term representing the increment 
agrees very well with the number obtained by Langen from his 
explosion experiments. 

Holborn and Austin give the following table, comparing true 
specific heats of carbon dioxide at constant pressure determined 
in various ways. In it are given the values derived from 
Eegnault's, Wiedemann's, and their own experiments; also 
values calculated by help of the formula of Mallard and Le 
Chatelier for the specific heat at constant volume — 

^Ko,o = 6-3 + 00006^ - 000000118^2 
and by help of Langen's formula — 

Ct<o. 0=67 + 0-0026i{ 


OC. 

R^gnault. 

Wiedemann. 

Mallard and 
Le Chatelier. 

Langen. 

Holborn and 
Austin. 

. 

01870 

0-1952 

0-1880 

01980 

0-2028 

100 

0-2145 

0-2169 

0-2140 

0-2100 

0-2161 

200 

0-2396 

0-2387 

0-2390 

0-2220 

0-2285 

400 

__ 


0-2840 

0-2460 

0-2502 

600 

_- 


0-3230 

0-2690 

0-2678 

800. 

—— 

— 

0-3550 

2920 

0-2815 
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If we estimate the accuracy of the numbers given in this table 

for 600° and 800°, on the basis of the limit of error given by 

Holborn and Austin, we find that it is too small to justify any 

further discussion of the deviations between the numbers given 

in the table. 

^ d^"^ Eecently the specific heat of water-vapour at the constant 

ning*8 pressure of one atmosphere has been studied by Holborn and 

water- ^^' Henning ^ up to 820° C. in a similar manner. The calorimeter 

vapour, through which the steam, superheated to temperatures between 

270° and 820°, passed was maintained in the neighbourhood of 

115° C. in order that the steam should escape without condensing. 

Thus, contrary to Eegnault's procedure, the specific heat of the 

water-vapour was found directly. Only the specific heat 

referred to air was determined. The relation of the mean 

specific heat of one gram of water-vapour at the constant 

pressure of one atmosphere to the specific heat of one gram of 

air at the same pressure, was found as follows : — 

Between 110° and 270° C 1*940 

llOo „ 440° C 1-958 

110° „ 620° C 1-946 

110° „ 820° 1-998 

If the mean specific heat of air (per gram at constant pressure 
between 0° C and f C) is assumed to be — 

(a) ct = co(l -f- 0-000040 

or 

(6) Ct = co(l -h 0-0000860 

then we get for one gram of water-vapour from the above 
determinations— 

(a) Ct = 0-446(1 + 0-0000960 

(6) Ct = 0-441(1 + 0-0001460 

These equations referred to the mol as unit have already been 

given on p. 126. 
Influence We cannot dwell upon the investigations of the effect of 
'^n^t^r^'^ pressure on specific heat at constant pressure. According to 
specific the results of Lussana ^ and of Amagat,^ it is certain that the 

heat at 

constant * Holborn and Henning, Ann, der Physik, (IV.), 18 (1905), 739. 

pressure. 2 Lussana, Fortschritte dir Physik, i. J. 1896, p. 345, and i. J. 1897, p. 331. 

3 Amagat, Cowi?^ Bend,, 122 (1896), 66 and 121 ; comp. also Witkowsky, 

Fortschritte der Physik, i. J. 1896, p. 343. 
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effect of pressure becomes less the nearer the gas approaches 
an ideal gas in its behaviour. We therefore find that pressure 
has a very slight influence even at ordinary temperatures on the 
so-called permanent gases, and in the easily condensible gases 
the effect of pressure vanishes as we approach the high temper- 
atures at which gas reactions mostly take place. 

Joly ^ has undertaken the direct determination of the Joly's ex- 
specific heat of gases at lower temperatures at constant volume. P*"™-^-'" 

The principle of his method is as follows. A metal vessel is 
hung by a fine metal filament from the pan of a delicate balance, 
and its weight determined. The vessel hangs freely in a cavity 
through which a rapid current of steam from some sort of boiler 
may be forced at any desired moment. As soon as the weight 
of the vessel has been ascertained the steam is admitted. When 
the steam strikes the cold metallic vessel, it condenses upon it 
and heats it with its heat of condensation to the steam tempera- 
ture of 100°. Further condensation does not take place, because 
the vessel, being freely suspended in a space filled with steam 
whose walls are kept constantly at 100,° can lose no heat by 
radiation. The vessel becomes heavier because of the water 
condensed upon its surface. This increase of weight rapidly 
approaches a permanent maximum, and may be readily deter- 
mined. It permits us to find directly how much heat is 
necessary to raise the vessel from its initial temperature to 100°, 
since the latent heat of the vaporization of water is known. If 
we first use the vessel exhausted, and then filled with gas, the 
difference between the two increments of weight gives directly 
the quantity of heat necessary to heat the enclosed gas to 100°. 
Hence we get the specific heat of the gas at constant volume 
between this initial temperature and 100°.^ 

This method may very well be used to test how much the 
specific heat of a gas at constant volume depends on the density 
of the gas. For this purpose it is only necessary to use a gas 
first at a small pressure and then at a greater one. Still, it is 
impossible to determine the values at high temperatures, which 
are of special importance to us, with a steam calorimeter. 

1 Joly, FUL Trans., 182 (1892), 73. 

2 Air, carbon dioxide, and hydrogen were investigated. For a criticism of 
these results, see Wttllner, " Experimentalphysik," vol. ii. (Leipzig, 189G) 
p. 538. 
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Apparently no one has ever tried using a higher boiling 
substance than water. 
Indirect i^t US now proceed to a discussion of the indirect methods 

explosion of measuring the specific heats of gases. The explosion method 
experi- ig Qf especial interest to us. We have already discussed in the 
previous lectures the results obtained by this method, and have 
in part explained how the measurements were made. 
Bunflen'g Historically, it is to be observed that Bunsen ^ first measured 

me?ts.' ^^ pressure developed in the explosion of gases. He used 
explosion mixtures of oxygen and hydrogen, and of oxygen, 
hydrogen, and carbon monoxide. They were contained in glass, 
tubes 815 cm. high and 1*7 cm. in diameter, sealed at one end, 
and closed at the other by a plate resting freely upon the 
aperture. The plate was loaded according to a method long 
used for the technical testing of explosives,^ and the maximum 
load was determined which the pressure of the explosion was 
just able to lift. Knowing this load and the size of the open- 
ing of the tube, the pressure of the explosion could be calculated. 
If a part of the gas had already cooled ofiT somewhat before the 
explosion had traversed the rest of the gas, the pressure would 
be found too low. In order to obviate this danger, Bunsen 
ignited his gas with a chain of sparks along the whole length of 
the tube. 
Perfecting Bunsen's determinations of the explosion pressure may be 
method.* iDQproved by the use of some kind of a self-registering manometer 
attached to the explosion bomb. The so-called " indicator " is 
an instrument of this kind, and is often used nowadays in the 
study of gas and other explosion engines. 
Indicators. The indicator consists of a cylinder connecting with the 
explosion chamber. A piston slides with as little friction as 
possible inside the cylinder, carrying with it a pencil-point. 
This pencil-point registers the motion of the piston upon a strip of 
paper which glides rapidly past it. The piston is pushed along 
the cylinder by the explosion pressure against a standardized 
spiral spring. We get in this way a record on the paper of the 
static pressure. There is a difficulty involved in the application 
of this method to those explosions which are used for measuring 
specific heats. The explosion must take place very rapidly, in 

1 Fogg, Ann., 131 (1867), p. 161. 

2 Guttmann, Eaplosivstoffe, Braunschweig, 1895. 
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order that the heat loss, before the explosion is completed, may 
be as small as possible. But when the pressure changes very 
rapidly, the pencil-point, because of the momentum of the 
moving parts, describes oscillatory motions, and writes a wavy 
instead of a smootli curve for the static pressure. It conse- 
quently requires some graphic treatment in order to get the 
true value from this curve. 

A second method of measuring explosion pressures is based Measure 
on the effect of impacts. The piston is allowed to be thrown a jj^i^cta 
short distance by the action of the explosion, while a pencil- 
point attached to it writes upon a moving paper. In this 
way we get a trajectory ^ and from it one can determine the 
distance traversed by the piston in successive fractions of a 
second. The diflTerences between these distances measure the 
acceleration which the piston experienced, and consequently the 
force which acted upon it. The maximum acceleration tells us 
the maximum force which the explosion has exerted. The 
quotient of this force, divided by the area of the piston head 
upon which it acted, represents the maximum force of the 
explosion. 

Mallard and Le Chatelier used the first of these methods ; 
Vieille and Berthelot and Vieille the second. 

Berthelot and Vieille ^ carried out their experiments in Experi- 
metal bombs of various sizes (0*3, 1*5, 4 litres). The bombs Berthelot 
were provided with an accessory tube in which moved a well- andVieille, 
fitting piston. The pencil-point wrote upon blackened paper MaUard 
on a revolving drum. An electrically operated tuning-fork ^^l^®. 
traced its vibrations on the same paper, so that a comparison of 
the lines afforded a knowledge of the distance travelled by the 
piston, and the time consumed in the movement. While 
Bunsen set off his gas by a chain of sparks extending the 
whole length of his explosion tube, Berthelot and Vieille 
exploded their gases at but one end. MaUard and Le Chatelier ^ 
used a cylindrical bomb of 3*86 litres capacity, and ignited the 
gas-mixture by a spark at its centre. This was decidedly better 
than Berthelot and Vieille's method of igniting at one end. 
They obtained, by means of their pressure indicator, a curve for 

1 Qom'p, Bend., 95 (1882), 1280; 96 (1883), 116, 1218, 1358. Ann, chim, 
phys., 4 (1885), 13. 

2 Ann. d€8 Mines, 4: (1884), 379. 
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the static pressure from the beginnii^ of the exploaion till the 
bomb had cooled ofif. They could determine the rate of cooling 
of the gaa-mixture from this curve, and could therefore apply 
a correction of the observed maximum pressure to account for 
the slight amount of heat which the gaa lost during the process 
of combustion', and which consequently contributed nothing to 
the rise of pressure. In Vieille's method it was only possible 
to determine thi? correction indirectly and incompletely. 

Clerk' later performed several experiments, analogous in 
principle to the experiments 
of Mallard and Le Chatelier, 
with a cylindrical bomb, a 
spark igniter at the bottom, 
and a steam-ei^ine indicator 
to record the pressure. 

Lai^n ' employed the 
most highly perfected ap- 
paratus of this type. He 
used a spherical explosion 
bomb of steel with a capacity 
of 34 litres, thus reducing 
the loss of heat during com- 
bustion to a minimum. The 
gaa was electrically ignited 
at the centre of the bomb. 
The loss of heat during com- 
bustion, and consequently 
P^ 7 the correction to be applied 

to the maximum pressure, 
was smaller in this large apparatus than before, and at the 
same time the gaa cooled off more slowly, aud consequently 
the correction could be more easily determined. 

His bomb is illustrated in Fig. 7. It is enclosed in a large 
vessel through which water is kept flowing. The bomb may 
be evacuated throi^h a cock attached to its lower part. The 
cover of the bomb has three openings — one for leading in the 
gas to be studied ; a second for attaching an open, two-armed 

1 Dngald Clerk, " The Gas and Oil Engine." London, 1897. 
'^ " Mittcilungen liber ForachungHarbeiten aus dem Oebiete des Ingenieur- 
wesena" (Berlin, 1903), Heft 8. 
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mercury manometer; the third for attaching the indicator a, 
which was practically identical with the common and widely 
known instrument of commerce. Its pencil recorded the static 
pressure on a drum, which revolved at a regular but adjustable 
velocity. The electrical contacts c and e were so arranged that 
by pressing a button the recording apparatus and the apparatus 
for measuring the velocity of revolution of the drum were 
simultaneously started, and directly afterwaixis the spark igniter 
was made to act. The purpose of the mercury manometer was 
chiefly to measure the initial pressure before explosion, and 
the final pressure after the exploded gas had completely 
cooled off. 

It cannot be denied that measurement of pressure with' 
this apparatus presents no serious difficulties. The correction 
for the maximum pressure applied by Langen is, perhaps, sus- 
ceptible of some improvement, because, while the heat conduction 
by the walls was corrected, the heat radiation was not.^ 

This correction, however, amounted to only a few per cent, 
in the experiments of Mallard and Le Chatelier, and would be 
even less in these experiments; consequently any inaccuracy 
in it could not greatly affect the results. If the reaction pro- 
ceeds without perceptible dissociation taking place, then the 
calculations of the specific heat of gases from these experiments 
by means of the gas law (jj-y = ET) is certainly the simplest 
way to find out anything about the specific heats of gases at 
high temperatures.^ 

The other method, which we have considered in this same The 
connection, makes use of the crusher manometer. This method °^^^®'* 
has the advantage that we can employ higher temperatures meter, 
without fearing that dissociation will ensue. 

The following figure (Fig. 8) will serve to illustrate this.^ 
A charge of high explosive is freely suspended in the cavity 

1 Compare Nernst, Fhysihal. Zeitschr. (1904), 777. 

2 Langen's experiments have been repeated lately by Hatisser with a 
very much smaller apparatus ("Mitteilung iiber Forschungsarbeiten auf 
dem Gebiet des Ingenieurwesen," Heft 25 (Berlin, 1905). The results seem 
to be aflfected seriously by imperfectness of the apparatus (see Haber, Zeit 
fur Gashelmichtung und Wasserversorgung (1905), p. 1046). 

3 Nach Heise, " Sprengstoffe und Zttndung der Sprengschiisse." Berlin, 
1904. 
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A, where it may be electrically exploded by means of the spark 
wires h. The pressure of the explosion is exerted against the 
steel cylinder o, which in turn presses upon the copper cylinder 
r (8 mm. in diameter and 13 mm. high). The screw d fits 
tightly into the lower head-pieca B', and serves as a backing for 
the copper cylinder. 

The great pressures developed by the explosion deform the 
copper cylinder. By comparing this deformation with that 
produced by known hydraulic 
pressure, we estimate the mag- 
nitude of this explosion pres- 
sure. It is self-evident that 
the chemical composition of 
the copper cylinders, as well 
as their previous mechanical 
treatment, must be and have 
been exactly identical, else 
the comparison would mean 
nothing. With this proviso, it 
appears that, within certain 
limits of pressure, the deforma- 
tion £ (in millimetres) may be 
represented in terms of deform- 
ing pressure -p (in kilt^rams) 
by the expression — 
Fio. 8. 

where a and J are constants which may be determined from the 
hydraulic measurements. 
Theorjof ^"^1, as Sarrau and Vieille* have shown both theoretically 
the and experimentally, it is by no means permissible to put the 

mano. maximum pressure of the explosion P directly equal to the 
meter. static pressure f, calculated from the observed deformation on 
the basis of the previously determined constants a. and 6. This 
procedure would be correct only where the explosion takes 
place with comparative slowness, and when the moment of 
inertia of the piston is comparatively small. If the ex- 
plosion is very rapid, and the momentum of the piston great, 

■ Comp. Send., 96 (1882), 26, 133, 181 ; alw 102 (1886), 1054, and 104 
(1887), 1769. 
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the maximum pressure P of the explosion approximates to the 
limiting value.^ 

P = a + 6^ 


It therefore becomes necessary, if we would calculate the Example 
maximum pressure of the explosion from the deformation, to know Ing^he*' 
how great an acceleration, if any, the pressure piston experiences, theory of 
Sarrau and Vieille give several very instructive examples of ex- cruBher 
periments in which they were able to determine these accelera- mano- 
tions by attaching a pencil to the piston and causing it to record 
the piston's movements upon a rotating strip of paper. They 
then measured with a microscope the distances travelled by 
the piston along the paper from moment to moment. A few 
of their numerical results are given in tabular form below — 



A 




t V 

K 

P 

1 

! P 

1 

t 

1 0-29 

4-20-6 ; 

541 

561 

1 

2 0-92 

+9-3 1 

696 

705 

2 

3 1-69 

-1-8 

1033 

-^2^ 

3 

4 2-43 

1 

-4-6 . 

1445 

•-I 

4 

9 4-31 

-2-4 i 

2750 

§•* 

5 

12 4-6G 

-1-2 

2936 

9i 

6 

16 4-89 

-0-6 

3136 

AS 

7 

19 5-04 

-0-6 

1 

3232 

0*0 



B 


r 



K 

P 

+ 1607 

480 

+ 1013 

1099 

+384 

1775 

-454 

2337 

-1083 

2844 

-1537 

3219 

-1537 

3219 


2087 
2112 
2159 
1903 
1761 
1682 
1682 


* If u represents the path of the piston, -r- its velocity, and m its mass, 
then — 


P — p = TW 




and — 


d-^n 


(P ^p)du = m X -i 2 X du 


But the sum of all the accelerating forces from m = to w = e is zero, so that 

f ^'* 7 n 



and hence, since /; = a + ?>€ — 

(\? - p)dii = (\v - a - ht)da = 
J J 
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Under A are placed nuinbers referring to a particular grade 
of powder called " C," used in the French army. The ratio of 
the weight of the powder to the volume of the bomb was 0*650. 
(This number is called the " density of charge." It represents 
kilograms per litre.) The times, f, are multiples of the arbitrary 
unit of time chosen 0000317 sec. The velocity of the piston is 
given in metres per second, and the accelerating action K on the 
piston in kilograms. Further, under j? are given the pressures 
calculated from the formula a + Se. The sum of 'p and K ^ 
represents the total pressure P of the explosion. We see that 
in this case K has a value so small as to be negligible, and 
hence the explosion pressure is correctly represented by the 
formula a + Sf. We have here, then, the simple case where 
the explosion develops its maximum pressure so slowly that 
the piston experiences almost no acceleration. 

Similar measurements made with gun-cotton are given under 
B. The density of the charge was 0*2. The unit interval of 
time is here 00003242 sec.^ We see that the maximum pressure 
is almost instantly attained here, and the acceleration of the 
piston plays an extraordinary important role. The explosion 
does not push the piston, it TiurU it against the copper cylinder, 
and the kinetic energy of this motion brings about a deformation 
of the cylinder greater than an hydraulic press exerting the same 
pressure as the explosion could ever produce. 

In order, therefore, to make use of any data obtained with 

Assuming with Sarrau and Vieille that P is constant, integration gives — 

This limiting formula therefore applies only when the explosion develops 
its maximum pressure P in an immeasurably short period of time, and when 
this pressure remains constant during the entire though very brief course of 
the piston's movement 

1 According to the fundamental rules of mechanics — 


K = m 


dt^ 


where m represents the mass, u the path, and ^the time. -=-^ was determined 

graphically from the diagrams of the piston movements, as above explained ; 
771, that is the mass of the piston, was 60 grams. 

2 The piston weighed 3*601 Kg., but the same results were obtained with 
a piston weighing but 60 gi'ams. 


DETERMINATION OF SPECIFIC HEATS OF GASES 231 

such a crusher manometer in the deduction of specific heats, 
it is essential that we know the nature of the explosive we 
employ. Apparently no calculations of this sort, other than 
those of Mallard and Le Chatelier just mentioned, have ever 
been undertaken, although the apparatus finds everyday use in 
the manufacture of high explosives, and the possibility of obtain- 
ing data regarding the specific heats of gases at high temperatures 
with this apparatus is apparent. It should further be noted 
that surprising chemical facts have come to light in these ex- 
periments under high pressure.^ 

We will now discuss how the ratio k, between the true The ratio 
specific heats at constant pressure Cp and at constant volume C» ^^ateT' ^ 
may be determined. Knowing this ratio, we can obtain the true 
specific heat at constant volume per mol, because — 

__ ^p _ r„ + R 

and hence — 

K 

r., = 


The true specific heat per mol at constant pressure would be 

*c X E 


r„ = 

fC 


^ - - - 1 


The determination of the value k for gases depends upon certain 
phenomena accompanying an adiabatic expausion. Thus, if a gas 
has a pressure ^ at a volume i?, then after an adiabatic change 
the pressure ^1 and the volume v\ are connected by the relation — 

If, instead of the volume v, we substitute the concentration 
-, or as it is usually called in this connection, the density (d), 

V 

we get — 

A method originating with Clement and Desormes permits Procedure 

of Clement 
1 Sarrauand Vieille, Comp, Bend., 105 (1887), 1223, find that the reaction— ^^ 

2C0 + 2H2 = CH, + CO3 

is greatly favoured by high temperatures and pressures. 
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us to measure the pressures and volumes before and after an 
adiabatic expansion. They filled a large bottle or flask with the 
desired gas at the same temperature as the surrounding air, but 
at a slightly higher pressure Pa. Or sometimes they connected 
this first flask with a second one containing the gas under 
investigation at a somewhat lower pressure. Connection with 
the atmosphere or the second flask was established by opening 
a stop-cock. The pressure inside and outside, cfr in the two 
flasks, was then rapidly equalized. The part of the gas escaping 
into the air or into the second vessel, did work either against 
the atmosphere or against the gas in the second vessel. After 
the pressure was fully equalized the cock was closed, and the 
gas in the first vessel allowed to regain the temperature of 
the outside air. The pressure P« existing in this vessel is then 
determined. Since the initial and final temperatures coincide, 
the densities of the gas before and after the expansion are to 
one another as the pressures, that is — 

rfi : d = Pa : P. 

But the density corresponding to the final pressure P^ was 
already established at the end of the process of expansion when 
the cock was closed. For no gas escaped after that, nor did 
the volume change, and consequently the mass per unit of 
volume or the density did not change. The pressure before the 
expansion was Pa. We will call B the pressure at the closing 
of the stop-cock, k can then be found from the equation — 


B \P. 


or- 


K = 


log Pa - log B 


log Pa - log P, 

ThediflB- Strictly speaking, the method assumes that the cock is 

of the opened for only an infinitely short interval of time, and yet 

method that the pressures inside and outside are, nevertheless, equalized 

and^*^"'^"* in that time. But in practice we cannot be sure that the 

Desormes. equalization has really taken place when the cock is open for 

but a very brief interval, because oscillation takes place during 

the first instant the cock is open. Yet if the cock is left open 

for a perceptible time, heat is given oflT during this interval 
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from the walls of the vessel, so that the rise of pressure after 
closing the cock comes out too small. 

Cazin^ has carried out an investigation to determine how Cazin's ex- 
long one must wait in order that these oscillations of pressure P®"™®^ *• 
shall have just ceased. He closed the cock the very moment 
this condition was reached. In this way he got the following 
values : — 

Gas Air O, N, H, CO NH, CO, N,0 SO, C,H4 Ether 
K 1-41 1-41 1-41 1-41 1-41 1-328 1-291 1-285 1-262 1-257 1-079 

All the values refer to ordinary temperatures. Some of the 
gases did not possess the desired purity. Ethylene is, for this 
reason, especially uncertain. 

It is clear that heat communicated from the walls is more 
dangerous the smaller the vessel one uses, for just so much 
more unfavourable does the ratio of area to volume become. 
Cazin was mindful of this, and used vessels of 30 and 60 litres 
capacity. 

We must conclude, however, from a critical discussion of Rontgen's 
Cazin's results by Eontgen, that he left the cock open too^P^^"* 
long, and consequently got too small final values. Eontgen ^ 
materially improved the method, using a vessel of 70 litres 
capacity, and a very delicate manometer. He determined both 
the initial pressure Pa, the pressure B after a brief opening of 
the cock, and the final pressure Pe. He applied a special 
correction for the heat communicated to the gas by the walls of 
the flask. He obviated the effect of oscillations of pressure by 
the arrangement of his manometer. In this way he got the 
very accurate values for — 

Air = 1-4053 
Carbon dioxide = 1*3052 

at ordinary temperature. The high thermal conductivity of 
hydrogen vitiated the results obtained for this gas. 

Maneuvrier,^ partly in collaboration with Fournier, Maneu- 
attempted a somewhat different procedure. He compressed vrier'a ex- 
the gas contained in a spherical vessel of ca. 50 litres capacity 

1 Cazin, Ann. Chim. PAy«.,iii. 66 (1862), 243 ; see also iv. 20 (1870), 243. 

2 Pogg. Ann., 148 (1873), 580. 

3 Ann, Chim. Phys. (7) 6 (1895), p. 321 ; also p. 377, where a table is 
given showing all previous values of k. 
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by the rapid impact of a piston. The volume change may be 
easily derived firom the area of the piston-head and the distance 
it travels. It is easy to calculate what the change of pressure 
would be in an isothermal compression of the same magnitude. 
The actual pressure change is measured by means of a hydro- 
static manometer, which is put into connection with the com- 
pressed gas for a v^ry brief period just after the compression 
has taken place. The opposing pressure on the manometer 
may be varied, and so, by repeating the experiment often 
enough, that pressure may be found which just balances the 
pressure developed by the gas, and hence allows no movement 
of the manometer. By carrying out the experiment with 
different volumes, and consequently different changes of pressure, 
a curve may be obtained from which it is possible to compute 
the ratio between the adiabatic and isothermal change of 
pressure for the limiting case of a vanisbingly small change of 
volume. This ratio represents, according to the theory, the 
value K — 

^j)(l«oth.) 

In this way Maneuvrier and Fournier ^ found — 

Gas Air CO, H, • C^IIo 

K 1-395 1-298 1-380 1-26 

Lunmiop We owe to Lummer and Pringsheim still another method of 

BhelmVex" using an adiabatic process to determine the value of k.^ It 
porlra6ut», depends on the evaluation of Ti, Ta, piy and p^ in the adiabatic 
equation — 


Ti ^ MV^ 
To \vJ 


which merely represents a transformation of the expression 
previously given. Lummer and Pringsheim filled a vessel of 
90 litres capacity with a gas at known temperature and a 
known pressure, which exceeded that of the atmosphere. They 
let the excess pressure blow off at the right moment through a 
wide orifice. -While the older methods were very sensitive 
toward a prolonged opening of the cook, their method has the 

' Comp. Bend., 123 (189G), 228, and 124 (1897), 184. 
* I^ummer and Pringsheim, Wied, Ann,, 64 (1898), p. 582. 
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great advantage that the cock can be left open as long as 
desired. A complete equalization with the atmospheric 
pressure is thus made certain, and the final pressure is the 
atmospheric pressure. All now depends on determining 
quickly enough the cooling in the body of the gas incident 
to its expansion, and to find its value free from any disturbing 
effect due to the transfer of heat from the walls of the vessel to 
its interior. Lummer and Pringsheim solved this problem by 
arranging a platinum wire of the very greatest tenuity in the 
centre of the gas, and using its change of resistance as an 
indication of the temperature change. Makower ^ modified this 
arrangement slightly, and measured the ratio of specific heats of 
steam a few degrees above 100°, using a vessel containing but 
9*3 litres, having first ascertained that even with this size vessel 
the effect of the heat transfer from the walls was slight. His 
value is appended to those of Lummer and Pringsheim in the 
following table : — 

K Temperature. 

Air 1-4026 ] 

Oxygen2 1-3977 I iro/u a 

Carbon dioxide 1-2995 j ^^ (about). 

. 1-4084 J 

. 1-305 ± 0-002 105° (about). 


Hydrogen 
. Water- vapour . . . 


The values of Lummer and Pringsheim are recognized as 
being especially trustworthy. 

All the methods so far described have employed but a single Experi- 
adiabatic change of the gas. In order to measure accurately the S^^ej.^ 
changes thus induced before the transfer of heat shall have 
altered the adiabatic condition, it is necessary to use large vessels 
and large quantities of gas. To obviate this difficulty, Afsmann^ 
proposed studying a rapid periodic adiabatic change. Miiller,* 
at 0. E. Meyer's suggestion, has carried out a great number of 
determinations according to Afsmann's principle. He used a 
U-tube of about 4 cm. bore which contained some mercury, and 
at the beginning was open at both ends. By tilting the tube 

1 Phil. Mag. (6) 5, (1903), p. 233. 

2 Commercial oxygen from a bomb. It probably contained 9 per cent, 
nitrogen. 

3 Pogg. Ann., 85 (1852), 1. 

* Wied. Ann., 18 (1883), 95. 
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momentarily in the plaue of the U, oscillations were set up in 
the mercury, whose period Muller measured to within a 
thousandth of a second by means of an electricsd recording 
device. In the cases he studied the period was usually about 
\ second. The mercury came to rest after some 50 such 
oscillations. If now a glass globe holding somewhat over a 
litre of the gas be placed upon each arm of the U-tube, we find, 
on repeating the experiment, that the period of the oscillation 
becomes shorter. The cause of this is the alternate compression 
and expansion of the gas in each globe. Miiller's apparatus 
showed this difference to be about 01 second. When exactly 
measured to the thousandth of a second, this difference permits 
us to compute the ratio of the specific heats, provided the 
volume changes are adiabatic. It is doubtful whether this is 
really the case. Yet the results seem serviceable, even though 
they are certainly not so accurate as those of Rontgen and of 
Lummer and Pringsheim. 

All his experiments were carried out between about 0"^ and 
50°. Carbon dioxide was investigated from 9*6° to 334°, and 
ammonia from 10*7° to 301°, and yet no change due to the 
temperature was discovered, although a very accurate method 
should have disclosed one. Such a change was observed with 
several vapours, and the result obtained with them are placed 
at the end of the following table; yet here the value of k 
is also dependent on the pressure. 


Gas. 

Temperature 
interval, 

K 

Gas 

Temperature 
interval, 

K 

Air 

od, 

HCl 
HBr 
SO. 
H,8 
CS2 
NH3 
CH, 

10 to 22 
16 to 21 
9-6 to 33-4 
18 to 41 
10 to 38 

16 to 34 
10 to 40 
21 to 40 

17 to 30 
10 to 30 

1-405 
1-402 
1-265 
1-398 
1-365 
1-256 
1-276 
1-189 
1262 
1-316 

CH3CI 

CHClg 

CHgClg 

CgH^ 

CHjCOH 

CH3CCI3 

C,H,C1 

C2H4CI2 

CHsOCHs 

O2H5OC2H5 

16 to 17 

23 to 39 

24 to 42 
15 to 30 

23 
44 

21 to 30 
42 

6 to 30 

22 to 45 

1-199 

MIO 

M2 

1-243 

1-146 (?) 

1-04 

1-126 

1-086 

1-113 

1-029 


Velocity 
of sound 
in gases. 


Now, the passage of sound through gases generates very rapid 
adiabatic changes. Besides, observations of the velocity of 
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sound may be made at both low and high temperatures. This 
method is, therefore, more widely applicable, and also more 
convenient in execution, than the other methods for determining 
K so far mentioned. 

According to the theory, the velocity of propagation of a 
longitudinal wave depends upon the elasticity e and the density 
A of the propagating medium, as stated by the equation — 

2 ^ 

Newton put the elasticity equal to the pressure ^. La Place 
showed that in an adiabatic compression and expansion the 
elasticity is represented by the product ^k. 

If we replace the density A at the temperature and pressure 
of the experiment by the density at 0° (273'' abs.), and of 760 
mm. of mercury pressure (^o), we have — 


and hence 




^ ''rfn 273 




Here do depends only upon the chemical nature of the gas under 

consideration. ^^ is a constant for all gases, and only the 

values K and T are determined by the conditions of the experi- 
ment. Conversely, if we know k we can measure temperature 
by determining the velocity of sound. An apparatus for 
measuring the velocity of sound therefore constitutes an acoustic 
thermometer. Conversely, knowing T, we can determine k from 
a measurement of the velocity of sound-. The formula applies 
primarily to the propagation of sound in an unlimited medium. 
In tubes the friction of the gas against the walls and the exchange 
of heat between the compressed or expanded gases and the walls 
create disturbances, the theory of which has been worked out by 
fielmholtz and KirchhoflF. Observations have shown that, in 
agreement with the theory, these disturbances become smaller 
the wider the tubes and the higher the pitch of the sound used. 
This is especially true when the gases are not too dilute. Tubes 
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of 3 cm. bore show no noticeable deviation from conditions in 
a free gas space.^ 

Dulong * was first able to derive good values of k from the 
phenomena of acoustics. He made use of the old idea of blow- 
ing a whistle in the various gases and determining the pitch. 
The number of vibrations in the note emitted is proportional to 
the velocity of the sound. Knowing the density of the gas under 
standard conditions and the temperature, the value of k relative 
to air can be calculated. Dulong obtained the absolute value 
of K for air by direct measurements of the velocity of sound in 
the open. Masson ^ made a large number of measurements by 
the same method. We have placed the results of both these 
men in a table of Wiillner's given somewhat farther on. 
Kundt's The use of these whistling notes is always affected with a 

method, slight uncertainty due to the mouthpiece. It has therefore been 
generally abandoned in favour of the method of Kundt/ which 
permits us to directly measure a wave-length. Kundt generates 
stationary waves in a tube containing a little fine dust. The 
dust in this " wave tube " collects at the nodes, each of which is 
a half wave-length from its neighbour. If A is the half wave- 
length, and X the number of half-vibrations which the note 
makes in a second, then — . 

y = AX 

and hence — m i 

. 2 _ T Pq 1^ 

^ - "Jo ^ 273 ^ x^ 

Kundt always compares the wave-length with the same tuning- 
fork in the gas and in air— that is, always using the same 
frequency, x. It then follows, if the index L refers to air (Luft), 
that— 

The use of high notes not only eliminates the disturbing efifect of 
the walls, but gives a larger number of nodes in a moderate distance 
whose mean distance apart may be very accurately determined. 

1 For the literature and new experiments, see Sturm (Drudes Ann., 14. 
(1904), 823). Compare also Vieille's paper on the velocity of sound (" Rapports 
presentees au congrSs international de Physique ** (Paris, 1900), vol. i. p. 228) 

2 Dulong, Fogg, Ann,, 16 (1829), 438, Ann. Ghim. Phys,, 41, 113. 

3 Masson, Ann, Chim. Phys,, 53 (1853), 277. 
* Pogg, Ann., 135, 337 and 527 (1868). 
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Wullner ^ has executed a series of measurements at 0° and wailner's 
100°, using this acoustic method. He tabulated his results with me^t"" 
those of Dulong and Masson, and we reproduce the table here : — 





Wullner 

Gas. 

Dulong. 

Masson. 





1 



00 

1000 

C^U ... ta* •*• ••• 

1-405 

1-405 

1-40526 

1-40513 

Oxygen 

1-402 

1-405 

— . 

— 

Nitrogen 

— 

1-405 

— 


Hydrogen 

1-394 . 

1-405 


— 

Carbon monoxide 

1-410 

1-413 

1-4032 

1-3970 

Carbon dioxide 

1326 

1-277 

1-3113 

1-2843 

Nitrous oxide 

1-331 

1-270 

1-3106 

1-2745 

Ammonia 


1-304 

1-3172 

1-2791 

Ethylene 

1-228 

1260 

1-2455 

1-1889 

Nitric oxide 


1-394 



Marsh gas 

— 

1-319 


— 

Sulphur dioxide 

Hydrochloric acid 


1-248 


— 

— 

1-392 



H y drogen sulphide 


1258 

1 



The fourth decimal figure in these results is quite uncertain ; 
the fifth is wholly so. 

Capstick ^ has also made many determinations by this Capstick's 

, f expen- 

method. ments. 


Gas. 


Methane 
Methyl chloride 
Methyl bromide 
Methyl iodide 

Ethane 

Ethyl chloride 
Ethyl bromide 
Propane 

n. propyl chloride 
Iso propyl chloride 
Iso propyl bromide 
Methylene chloride 
Chloroform 


Formala. 


CH, 

GHgCl 

CHgBr 
CH3I 

C2H5CI 
CaH.Br 
CgHs 
C3H.yCl 
CgH^Cl 
CsH^Br 

CHCI3 


Ga<i. 


Formula. 


1-313 
1-279 
1-274 
1-286 


182 
187 
188 
130 
126 
127 
131 
1-219 
1-154 


Carbon tetrachloride 
Ethylene chloride... 

Ethylene 

Vinyl bromide 
Allyl chloride 
AUyl bromide ... 
Ethyl formine ... 1 
Methyl acetate 
Hydrogen sulphide 
Carbon dioxiae ... 
Carbon disulphide 
Silicium tetrachloride 


CCl, 

C3H4CI2 

C2H4 

CgHgBr 

CsH.Cl 

CsH.Br 

HCOOCH5 

CHgCOOCH, 

SH2 

CO2 

CS, 

I SiCl, 


1-130 
1-137 
1-134 
1-264 
1-198 
1-137 
1-145 
1-124 
1-137 
1-340 
1-308 
1-129 


1 Wied. Ann., 4 (1878), 321 ; corrected results in Wullner's " Handb. 
der Physik," 5th edit., vol. ii. p. 553. 

2 London Phil, Trans,, 185 (1894), 34 ; and Trans, Royal Soc, London, 
57 (1895), 323. 
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Diut This " dust figure " method may be used even at tempera- 

hSh^ ** tures of several hundreds of degrees. Kundt and Warburg ^ 
tempera- used it near 300° in a celebrated research where it was wished 
"'*'• to determine the value of k for mercury vapour. The arrange- 
ment of their apparatus may be easily seen from Fig. 9. 
Strecker ^ later used the same method to determine the ratio 
of the specific heats of iodine, bromine, chlorine, and a series of 
compounds containing other elements. We see a glass tube in 
the figure about a metre long, closed at both ends and clamped 
at s. This is the "sounding tube." The point s is about 
30 cm. from its left-hand end.^ Its right-hand end is firmly 



ru 




fH^hM 


U'LI'L 


^^ 


Fig. 9. 

attached to the glass tube, about 3 cm. wide, in which the gas 
to be studied, as well as a little finely powdered silica, is con- 
tained. Inside this so-called " wave tube " there is another 
tube, open at both ends, in which the wave figures are formed. 
An inner tube of this kind is necessary, for the vibrations of the 
glass of the outer tube interferes with their formation there. 
The left-hand end of the sounding tube projects at i into 
another glass tube, k, closed at the opposite end, and containing 
air and lycopodium powder. This tube serves as a comparison 
tube. The heating apparatus in which the experimental tube 
is contained is really nothing but a large air-bath heated by a 
row of bunsen burners. It has triple walls and floor, Ki, K2, and 
Kg, with corresponding covers, D, D2, and D3. Thermometers 
are introduced through the end walla at r and t. Alongside 
the wave tube is an air-thermometer, L, with a thin stem e. 
When the sounding tube is nibbed to the right of s with a 

1 Pogg. Ann., 157 (1876), 353. 

'^ Wied, Ann., 13(1881), 20; 17(1882), 85. 


Cl2 

Br2 

I, 

ClI 

BrI 

HCl 

HBr 

HI 

1-323 

1-293 

1-294 

1-317 

1-33 

1-394 

1-431 

1-397 
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damp cloth, so that a longitudinal vibration and a high note are 
produced, the air in the comparison tube and the gas in the 
wave tube are set vibrating. The length of these stationary 
waves is shown by the lycopodium and silica powders. Kundt 
and Warburg,^ as well as Strecker, take the value of k for air 
which Eontgen obtained in his above-mentioned experiments. 
The accurate measurement of the wave-lengths in the experi- 
mental tube is rendered somewhat difficult by the fact that the 
glass tube contracts slightly on cooling, and the distance 
between nodes appears somewhat shorter than it should. 

Strecker found the following values : — "^ Strecker's 

experi- 
ments. 

At high temperatures we can no longer use glass, and The 
quartz is not applicable because of the large dimensions J^^^^^of 
necessary. This exhausts our supply of available transparent naeasur- 
substances, and, since we must see the node deposits in order to ^'^^ ** 
measure them, prevents us using the method under these con- 
ditions. Nevertheless, the acoustic determinations of wave- 
lengths at least in air have been twice carried out at temperatures 
up to nearly 1000° by another method. The method in each 
case was based on a principle originated by Quincke. When a 
tube closed at one end is filled with stationary sound waves, there 
is a wave-crest at the closed end. At a quarter of a wave- 
length from the end comes the first node, and at a distance of 
a half wave-length comes another crest, and so on. By using a 
" hearing " tube, which may be shoved along the tube contain- 
ing the gas, it is possible to recognize and locate the change 
from crest to node. Quincke made use of this phenomenon in 
his acoustic thermometer. 

This acoustic thermometer of Quincke consisted of two 
straight tubes, one a wider interference tube and the other 
a narrower hearing tube. The interference tube was from 

1 Wied. Ann,, 63 (1897), 66. 

^ Strecker's value for chlorine is almost exactly identical with the value 
which Martini {FUL Mag. (5), 39 (1895), 143) and Beiblatter {Weid. Ann. 
(1881), 665) found at the same time and by another method at 0°. This 
value was 1-327. Martini measured the lengths of tubes at which the tubes 
when filled with the gases were in reasonance. These lengths are directly 
proportional to the velocity of sound in the gases. The experiments were 
extended to COj and NgO. (Beibl. Wied, Ann»t I.e.) 
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40-150 cm. long, 1-5 cm. wide, and closed at one end. Into 
this the glass, metal, or clay hearing tube was inserted. It was 
from 1-2 m. long, 4-6 mm. clear bore, and its walls were from 
75-1*5 mm. thick. The hearing tube was open at both ends. 
One end was connected with the ear by a rubber tube 1*2 m. 
long, 5 mm. in inside diameter, and with walls 2 mm. thick 
The open end of a sounding box attached to a tuning fork was 
placed before the mouth of the interference tube, and the 
hearing tube was shoved in as far as possible. If the hearing 
tube was now drawn slowly out, maxima and mimima were 
observed distant a quarter of a wave-length from each other. 
The distance between any two of the minima could be read off 
by means of a millimetre scale placed alongside the hearing 
tube. In this way the ear was made to take the place of the 
dust figures of Kundt and Warburg. 

Stevens' The method gives good results at ordinary temperatures. 

m^te." '^^^ observations are more diflBcult to carry out at high 
temperatures. Stevens found the following values for air in 
this way : — 

At OO lOOO 950OC. 

K ... 1-4006 1-3993 1-34 ± 0*01 

The ratio of the numbers for 0° and 100° is more certain than 
the numbers themselves. They are given to four places, in 
order to show the decrease of 01 per cent, in the value of k 
between 0° and 100°. According to Kalahne,^ Stevens' measure- 
ment of temperature is in error at 950° by some 27°, and k is 
consequently 0*03 smaller than it otherwise would be. 

It is a serious disadvantage, in using the acoustic thermometer, 
that we are obliged to use tuning forks which will keep sounding 
for a long whUe. Only forks of rather low pitch fulfil this 
requirement. These slowly vibrating forks give very long 
waves at high temperatures, and it is consequently necessary to 
use very long interference tubes, and to keep them very exactly 
at the same temperature; which means, of course, increased 
difficulty of experimentation. Thus, according to the diflferent 
, tones used, Kundt and Warburg found a half wave-length of 
2 cm. in mercury vapour, Wiillner a half wave-length of 6*5 cm. 
in air and Stevens one of 60 cm. in air at 950°. 
KaVahne's Later Kalahne ^ employed a " resonance " method originated 

experi- 
ments. ^ Drude's Ann,, 11 (1903), p. 231. « 7^. 
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by Quincke and developed by Seebeck ^ and Low ^. It is based 
on the following principle. A straight tube open at both ends 
is provided with a movable piston. The piston head is nearly 
as large as the cross-section of the tube, and therefore shuts off 
an air-column of variable length extending frohi it to the mouth 
of the tube. A telephone is placed directly in front of the 
tube's mouth, and its membrane is set vibrating by an inter- 
mittent electric current at the rate of perhaps a thousand vibra- 
tions to the second. These vibrations enter the tube and set up 
stationary waves in it. At certain definite positions of the piston, 
always a half wave-length distant from one another, pronounced 
maxima of resonance are obtained. These are best observed by 
using a rubber tube opening near the mouth of the tube and 
leading to the ear. It is advisable to introduce a Quincke 
interference tube into this rubber tube, thereby dampening the 
fundamental tone and the undertones, and leaving only the high 
overtones, with which the maxima may be determined with 
especial precision. 

This arrangement too, according to Kalahne's experience, 
becomes more difficult to use the higher the temperature. 
Kalahno found no perceptible change of k with the temperature 
up to 450°. He found, with Stevens, that at higher tempera- 
tures K becomes smaller, though he did not find so great a 
difference as did Stevens. Thus, according to him k decreases 
to but 1*39 at 900°, and not to 1*34 ; that is, it only decreases 
by about 0'6-0-7 per cent, of its value at ordinary temperatures. 

To illustrate the applications which this method has found. Low's ex- 
we will add the results which Webster Low obtained for a^®^^*"®"*^' 
number of gases, using it in a somewhat modified form and at 
ordinary temperatures. 


Gas. 

K 

Air 

Ether vapour 

(Hydrogen) 

1-3968 
1-2914 
1-0244 
1-3604 


The value for hydrogen is inexact. 

1 Seebeck, Fogg, Ann., 139 (1870), 104. 

2 Low, Wied, Ann., 52 (1894), 641. 
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Experi- The last-mentioned acoustic forms of the method are not 

TMeten ^"^J difficult of execution, but limited in application, for they 

and involve the use of open tubes, which at high temperatures are 

einwe r. ^^^j^j^ ^ 'kQ&^ filled with gases other than air. In this respect 

the method which Thiesen and Steinwehr have just announced ^ 

seems to be a distinct improvement. In this method the 

number of impulses per second required to set up sympathetic 

vibration in a closed tube filled with the gas under investigation 

at a given temperature is determined. 

The foregoing survey does not include all the researches of 
an experimental nature which have been made in this field. 
It does, however, afford a complete summary of the methods 
now at our disposal for determining specific heats. 

It is evident that everything in this field pertaining to high 
temperatures is still in a most unsettled condition. The twenty 
years of quiescence which followed the explosion experiments 
of Mallard and Le Chatelier and of Berthelot and Vieille has 
been just brought to an end by the researches of Langen, 
Stevens and Kalahne, Holborn and Austin, and Theisen and 
Steinwehr. 

At the end of the Fourth Lecture we discussed the possibility 
of deducing the specific heats at high temperatures from 
equilibrium measurements. Eegnault's method as amplified 
by Holborn and Austin, the measurement of explosion pressures, 
and this chemical method oflfer the best prospects for obtaining 
accurate results. 

1 Z.f, Instrumentenkunde, 23 (1903), 114; and 24 (1904), 133. 


SEVENTH LECTURE 

THE DETERMINATION OF GASEOUS EQUILIBRIA. THEORETICAL AND 
TECHNICAL OBSERVATIONS REGARDING RELATED SUBJECTS 

This last lecture will be devoted to a consideration of matters 
important in equilibria determinations, especially at high 
temperatures. In connection with this we shall find opportunity 
for treating many theoretical and technical questions which we 
have not heretofore considered. 

We may investigate gaseous equilibria in several ways.^ Physical 
If a change in the number of reacting molecules takes place ^^^etCT- 
during the reaction which leads to the equilibrium, as, for mining 
instance, in the reactions— l^iiMa, 

2N02$N204 
2802 + 02^2803 

we may determine the composition by measuring the changing 
density of the mixture. We became acquainted in the Fifth 
Lecture with several examples illustrating this method. Again, 
if the colour changes, as it does in the dissociation of nitrogen 
tetroxide, we may also investigate the equilibrium colori- 
metrically, as 8alet ^ has done. The Natanson brothers ^ have 
realized a third possibility by investigating the velocity of 
sound in nitrogen dioxide and tetroxide, using Kundt's 

^ The physical investigation of equilibria by means of density determina- 
tion is treated very fully by Windisch in "Bestimmung des Molekular- 
gewichts " (Berlin, 1892). An extended bibliography is given in the same 
place. 

2 Compt Rend., 67 (1868), 488. 

3 Wied. Ann., 24 (1885), 454. 
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dust-figure method. In this way they studied the effect of 

changing pressure on the condition of equilibrium. 

Chemical Physical methods of this sort do not disturb the equilibrium. 

mination ^^ *^® other hand, chemical-analytical methods cannot be 

of the applied without doing this. For suppose we abstract one of 

brium' the gaseous constituents by means of absorption; the other 

substances present will immediately strive to made good the 

loss. If this re-formation proceeds with any appreciable 

rapidity, our analytical methods yield worthless results, for 

what we get is not the amount of the desired constituent 

actually present in the equilibrum mixture, but rather that 

amount increased by what is re-formed during the process of 

absorption. The use of an analytical method therefore assumes 

that the velocity with which readjustment of the equilibrium 

takes place has been greatly reduced. 

There are many cases where a gaseous equilibrium is very 
slowly attained. For instance, Bodenstein was obliged to allow 
a mixture of iodine and hydrogen to react for five and a half 
months at 283° C. in. order to fully attain an equilibrium which 
had been very nearly attained by heating to a temperature 150° 
higher for but a short while. It is clear that in such a case we 
need not fear any perceptible change of composition if the gas 
mixture is rapidly cooled to ordinary temperature ; and when its 
mixture has once been brought to the ordinary room tempera- 
ture, the " paralysis " of the reaction is complete, and we may 
determine the single constituents of the mixture by our ordinary 
analytical methods. But this paralysis of the reaction by cool- 
ing cannot always be carried out. In the first place, there are 
equilibria, such as that of nitrogen tetroxide, where the adjust- 
ment of the equilibrium takes place rapidly so long as the 
substances concerned remain gaseous. In the second place, 
the readjustment is a very rapid one in all cases if the tempera- 
ture is very elevated, and we are unable to cool the mixture 
rapidly enough to prevent a certain amount of chemical change 
during the refrigeration. 

We will consider this matter of velocity somewhat more 
closely, taking the hydriodic acid gas equilibrium as an example. 
According to the fundamental principles of mass action, the 
velocity of reaction is determined by the difference between the 
quantities formed and decomposed in unit time. We may 
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measure the formation of hydriodic acid from iodine and hydrogen 
according to the formula — 

I2 + Ha -> 2IH 

by determining the decrease in the concentration of the iodine, 
Cij, in unit time. For this we get — 

- ^ = A'Ci, . Ch. 

where Cna signifies the concentration of the hydrogen and H 
what the change in the concentration of the iodine in the unit 
of time would be if we lead in hydrogen in such quantity that 
the product C12 X C^h remained equal to unity, i' is called the 
velocity constant of the formation of hydriodic acid. The 
opposed reaction — 

2IH-»l2 + H2 
can similarly be represented by — 

where W is the velocity constant for the decomposition of 
hydriodic acid. The two reactions run contrary to one another 
and bring about the change — 

When equilibrium is reached, the change — 

dt ~ 
and — 

i-'C,, . Ch, = A"C2,H 
or — 

A' C^IH 


We have previously called the expression — 

ClH 


^\. ' c&. 


= K 
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the equilibrium constant of the reaction. We see from the 
preceding formulae that — 

The velo- Bodenstein {loc. dt,) has measured these velocity constants, 
city of the jje found the following values for the velocity constant of the 

formation • . 

and the formation of hydriodic acid, k\ and for the velocity constant of 
^^tSn of ^^^ decomposition, k'\ 

nydriodic 
acid. 


Graphic 
repre- 
sentation 
of the 
effect of 
velocity. 


Degrees C. 

*;' 

w 

608 

3-58 

1-059 X 10-1 

443 

3-75 X 10-1 

0-670 X 10 2 

427 

1-72 X 10-1 

0-31 X 10-2 

410 

6-69 X 10--^ 

0-137 X 10-2 

393 

3-79 X 10-2 

0-588 X 10-3 

374 

1-40 X 10-^ 

0-230 X 10-3 

35G 

6-76 X 10-3 

0-809 X 10-* 

326 

1-46 X 10-3 

326 X 10-''' 

302 

3-53 X lO--* 

942 X 10-0 

283 

; M9 X 10-« 

1 


The velocity constants, and consequently the amounts 
changed under comparable conditions increase ten thousand 
times for a temperature rise of 200°. This is in agreement with 
the general rule, according to which a temperature rise of 10° 
doubles the velocity of a reaction. But our cooling agents are 
subject to certain natural limitations. If, then, we push the 
temperature above a certain point, differing in different cases, we 
shall be unable to prevent a certain amount of recombination 
taking place during the refrigeration. The mixture of gases 
which we should analyze would not correspond to the equilibrium 
at the highest temperature, but to one at some lower tempera- 
ture where the equilibrium had, as it were, been overtaken by 
the refrigeration. 

We may represent these deductions graphically by picturing 
a case (see Fig. 10) where the equilibrium constant decreases 
with falling temperature. We will represent the change of 
the equilibrium constant by the arbitrary heavy line. Between 
a and I our determinations will give the true value of the 
constant K. If we raise the temperature above the point 
corresponding to &, we find values for K represented by the 
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dotted line. They are too great, for our rate of cooling is too 
slow to freeze our gas, as it were, in an unchanged condition. 
If we lower the temperature to a point below a, we shall no 
longer attain an equilibrium, because now the rate of adjust- 
ment is too slow. We should then get any value in the dotted 
area depending on the composition of our initial mixture. 

Views diflFer concerning the conditions in this dotted area. 
It is assumed that the longer we wait, the more nearly do the 



Fig. 10. 

equilibrium numbers we obtain approximate to the values 
represented by the heavily shaded curve. 

However, observations have been incidentally made (see False 
Jouniaux's investigation, p. 13, footnote), according to which ^^^^^^"^ 
it is sometimes possible to reach a certsdn point not far from passive 
equilibrium quite quickly, and yet not be able to get any 
farther, even after prolonged waiting. This is often explained, 
especially in the writing of French investigators, on the basis 
of a theory propounded by Duhem. According to this theory, 
a *' false equilibrium *' has been attained in these cases, which 
is not to be considered simply as di phase in a slow reaction, 
but as a true halting-place of the reaction. The real point at 


resibtance. 
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issue is readily seen if we compare our case with the motion of 
heavy masses on an inclined plane of continually decreasing 
pitch. The usual view would consider the reaction course in 
the dotted area to be comparable to the flowing of a viscous 
liquid down this inclined plane. The rate of flow decreases 
the more the pitch of the plane decreases, but flow would not 
cease till the liquid had reached the lowest point. Duhem, on 
the other hand, would compare the reaction with the sliding 
down of solid bodies ; which, of course, only continues so long as 
the angle of slope exceeds a certain limiting value. In both 
cases we can assume that rise of temperature corresponds to an 
increase in the angle of pitch. Then at high temperature a 
real equilibrium could always be reached. 

While the existence of false equilibria in this sense may be 
questionable, we may consider their existence as beyond 
question in another. For while it is by no means generally 
admitted that a reaction which has orice started can of itself 
come to a real stop before equilibrium is reached, there is no 
doubt, on the other hand, that reactions often do not hegin when 
we would expect, from the chemical forces at work, that they 
really should. Phosphorus does not change at all in pure 
oxygen at atmospheric pressure, although it reacts easily with 
dilute oxygen. Similarly, a mixture of hydrogen and chlorine 
in equivalent proportions remains unchanged at ordinary 
temperatures in the dark. If we call the state in which these 
bodies exist a false equilibrium, then there are very many cases 
which could be grouped under this head. These observations 
concern the heginning rather than the continuation of a reaction, 
and may well be considered, provisionally at least, as belonging 
to a special class. Following an idea of Ostwald, we may 
compare these cases with that of water contained in a deep 
vessel freely suspended above the earth. The water does not 
run out, because it must first climb up over the rim of the 
vessel. This rim represents a "passive resistance." In the 
same way, we may suspect that there is a " passive resistance " 
in the chemical illustration cited, which van*t Hoff suggested is 
due to the change in the orientation of the molecules which 
must precede the reaction.^ 

^ " Vorlesungen iiber theoretische Chemie,'* 2nd edit., 1901, vol. i. pp. 
208, 209, and 223. 
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The location of the points a and h in Fig. 10 evidently Betum 
depends not only on the reaction studied, but also to a great graphic 
extent on the method of experiment which we choose. Deville's repre- 
method (p. 158) of allowing the gases from his flame to strike ^ the 
into a tube kept cool by water, pushed & toward a higher re^c^o? 
temperature, because it permitted a more sudden cooling. 
Bodenstein's observations with glass bulbs filled with hydriodic 
acid, extending over months at a time, pushed a to a very 
low temperature, because by so prolonging the duration of an 
experiment very small reaction velocities suflSced to attain 
equilibrium. On the other hand, heating a gas in closed vessels 
is not suitable for following gaseous equilibria to very high 
temperatures, for it is difficult to cool such vessels rapidly 
enough. Bodenstein, therefore, did not go above 508'' in study- 
ing the dissociation of hydriodic acid. On the other hand, by 
heating a current of gas it is not possible to bring a to such 
a low temperature as we can by heating the gas in a closed 
vessel. 

These statements apply to a reaction which is unaffected by Catalytic 
catalytic influences. If we have a solid substance at our ^°^'^®^*'®*' 
disposal which greatly accelerates the gaseous reaction, not 
only are we able to very greatly lower the limiting temperature 
a, but at the same time we secure an important advantage as 
regards our method of cooling. For if we keep the gas in that 
region of temperature where the reaction velocity without 
the catalyst is very small, but with it is very great, then 
the equilibriifm remains fixed at a constant temperature the 
moment it loses contact with the catalyst. The behaviour of 
mixtures of sulphur dioxide and oxygen, and of nitrogen and 
hydrogen, furnish us with examples of this. Sulphur dioxide 
and oxygen easily form sulphur trioxide at 450° in the presence 
of finely divided platinum, until equilibrium is reached. Yet 
away from the platinum this mixture of sulphur dioxide, 
trioxide and oxygen changes very slowly at this temperature. 
Ammonia is similarly formed from the elements at 1000° in 
contact with finely divided iron, until equilibrium is reached. 
Yet this gaseous mixture alters very slowly at the same 
temperature if the catalyst is absent. 

More accurately stated, every solid substance exerts some 
accelerating action on gaseous reactions. Eeactions always go. 
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relatively, most slowly in a free gas space. Yet there is the 
greatest difference in the catalytic activity of various solids. 
Nature of The nature of catalytic action is not in all cases clear. Yet 
action. ^° Certainly a great many, and perhaps all* of them, may he 
ascribed to intermediate reactions. For while Ostwald,^ several 
years ago, very rightly emphasized that this explanation was 
merely 'pomhle and not necessary ^ it is still true that special 
investigations of the better-known cases have, in the mean time, 
always shown this explanation to be the correct or probable 
one.^ 

But it follows from this that the catalytic action of solids 
on gases is directly comparable with the reaction of solids with 
gases. Many investigators now consider that in such hetero- 
geneous reactions there is an equilibrium established on the 
boundary of the two phases (solid to gas, solid to liquid, or 
liquid to gas), and that the velocity of the reaction only 
depends on the rapidity with which the gaseous (or liquid) 
mixture at the boundary can replenish itself by diffusion and 
convection. In support of this view, Nernst ® has pointed out 
that were there no equilibrium at the boundary of the 
phase in a heterogeneous reaction, we should have finite 
differences of force between systems infinitely close together. 
Yet it is clear that finite forces acting at infinitely small 
distances must produce infinitely great velocities tending 
toward equalization. In answer to this, I have pointed out * 
that the same consideration would naturally be applied to the 
phenomena of solution and vaporation, and, indeed, that it has 
already been long applied in this way. It is, as a matter of 
fact, theoretically impossible, on the ground just mentioned, 
for any constituent of a gas mixture to be completely insoluble 
in any solid substance with which it is in contact. If we 
bring a mixture, say of oxygen, sulphur dioxide, and sulphur 
trioxide in contact with platinum, then Nernst's conception 
would require that we should consider these three substances 

1 Physikah Zeitschr., 3 (11^02), 318. (Reprint of his lect\ire at the 
Naturforscherverflammlung in 1901.) 

2 For examples, see Bredig and Haber, Z, /. angew, Chem., 16 (1903), 
558. 

3 Zeitschr, f. phyaih Chemte, 47 (1904), 52. 

4 Zeihchr.f, Elektrodiem,, 10 (1904), 156. 
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dissolved, to a certain extent at least, in the platinum. The 
same thing applies to any other solid, as glass or porcelain, and 
to any other gases which we may choose to consider in place 
of sulphur dioxide, trioxide, and oxygen. Now, we may cer- 
tainly assume that equilibrium exists between a dissolved gas 
and the same free gas outside. But if both the gas outside in 
the gaseous phase and the gas inside dissolved in the solid phase 
be slowly reacting, then a chemical equilibrium will not exist 
either on the gaseous or the solid side of the boundary layer. 
Each constituent, however, of the system on one side of the 
boundary will be in equilibrium with the same constituent of 
the system on the other side. 

The theoretical difficulty of conceiviug that finite forces Experi- 
acting at infinitely small distances equalize themselves at the ^no^^go 
boundary surface, disappears as soon as we assume a partition of yelo- 
equilibrium to exist between the substances on either side of ^^J^^^ 
this boundary surface. The idea of a slow reaction is by no geneous 
means incompatible with this assumption. Now, to be sure, *^^ ®°^^* 
we have no experimental evidence whatever of such traces of 
solution. But this makes no difference with the theoretical 
discussion; for the sole value of this discussion is simply to 
demonstrate the impossibility of reaching any a 'priori con- 
clusions regarding the velocity with which equilibrium is 
attained in the boundary zone of heterogeneous systems. 

Since theoretical reasons for assuming an equilibrium at the 
boundary of a phase are lacking, let us see if experiment fur- 
nishes us with any information on the subject. Now, Brunner ^ 
has shown in several cases that the rate of reaction in the 
boundary layer solid to liquid actually does depend only on the 
rate of diffusion. Nemst has been able to show the quanti- 
tative relation of diffusion velocity and amount transformed by 
a very happy treatment of the matter, and Brunner Q.oc, dt.) 
has experimentally confirmed his conclusions. Yet when we 
examine more carefully the cases which Brunner studied, we 
see that so far as chemical reasons and not diffusion velocities 
are concerned, we could never expect that the reaction would 
take place with measurable slowness. For, in every case, they 
merely involved the addition of a charge to substances going 
over into the ionic condition, and the loss of a charge by ions 

1 Zeitschr./.physih Chemie, 47 (1904), 56. v 


254 THERMODYNAMICS 

leaving the ionic condition. We universally find that the 
simple loss or gain of a charge takes place '' instantaneously/' 
so far as the measuring instruments now at our disposal are 
concerned. In more complicated cases, where a "chemical 
change," in the strict sense, is involved in the reaction at the 
boundary, I have shown, in collaboration with E. Kuss,^ that no 
such "instantaneous" adjustment of equilibrium takes place, 
and that the reaction on the solid-liquid boundary depends on 
the chemical forces at work. 

Nernst's theory of reaction velocity at surfaces of hetero- 
geneity, which Brunner has confirmed, therefore applies to the 
limiting case, where all the specifically chemical influences 
which would make the reaction a slow one are absent. It 
teaches us, then, how the rate of diffusion is determining the 
velocity when other influences are excluded. This is the case 
whenever the chemical velocity is very great as compared with 
the velocity of diffusion. Nemst*s theory by no means shows 
that the chemical velocity mvst be great as compared with the 
diffusion velocity, but, indeed, when rightly considered, leaves 
the point wholly undecided. It would certainly be a great 
simplification if we could a 'prioH neglect the chemical influences 
affecting the velocities of reactions in boundary layers in com- 
parison with the velocity of diffusion. Herr v. Jiiptner,^ for 
instance, has made use of this assumption in certain numerical 
computations he has published regarding water-gas. He 
imagines that on the boundary between carbon and hydrogen at 
incandescence the two equilibria 

C + HaO^tCO + Ha 
C + 2H2O ;t CO2 -I- 2H2 

exist simultaneously. We shall see, however, at the close of 
this Lecture, that this assumption, which requires that the gases 
shall be in equilibrium, both among themselves and with the 
carbon, does not hold. 

Applica- The question as to what takes place on the surface of a 

•combus-^^ glowing coal when exposed to air is related to this case. Even 

tion of at a white heat coal burns completely to carbon dioxide, when 


coal. 


1 Zdtschr. f, physik. Chemie, 47 (1904), 257. 

2 " Beitrage zur Theorie des Generator- und des Wassergases." Stuttgart, 
1904, in Ahrens Sammhing chemischer und chemisch-teehnischer Vortrage. 
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the air is forced over it at high speed. Yet at equilibrium 
carbon monoxide ought to be the chief constituent at all tem- 
peratures above 800°. Above 1000° carbon monoxide ought to 
be practically the ordy oxide present! The important effect 
which the velocity of the air supply has on the products of 
combustion forms the basis of the Dell wick-Fleischer ^ process 
for the manufacture of water-gas. We may evidently make 
two assumptions regarding the phenomenon. We may imagine 
that the gas mixture formed on the surface of the coal contains 
originally carbon monoxide in an amount corresponding to 
equilibrium, but that when the gas mixture has once got out of 
contact with coal it reacts with the fresh supply of atmospheric 
oxygen to form the slightly dissociated carbon dioxide, according 
to the equation 

O2 + 2C0 = 2CO2 

yet this would be the first case on record where oxygen reacts 

by a primary splitting up into the two atoms constituting its 
molecule. According to all our experience with autoxidation, the 
first product formed when a substance burns contains the whole 
O2 molecule.^ 

In the case at hand the primary reaction would then be — 

C + Oa^tCOa 

and we should consider the adjustment of the equilibrium to bo 
brought about by the secondary reaction — 

CO2 -I- C $ 2C0 

This adjustment would or would not take place, depending on 
whether or not the carbon dioxide had time to react. As yet 
we know nothing about the reaction velocities which determine 
this. Still, there is nothing known which conflicts with the 
view that in a rapid current of air the primarily formed carbon 
dioxide does not have time to enter into a secondary reaction 

^ See in this connection Journal f, Oasheleuchtung und Wasserversorgung, 
41 (1898), 567 (Bunte) ; 528 (Leybold). Also 42 (1899), 693 (Lunge) ; 43 
(1900), 365, 373, 575, 672, 694, 709, 957 (Strache and Jahodal); 44 (1901), 
393 (Bueb) ; 47 (1904), 268 (Placidi and Kettner), and 1079 (Keppeler), etc. 

2 See Zeit»chr. /. MektrocTiemie, 7 (1901), 441, 446. In particular, see 
also Engler u, Weissberg Autoxydation Braunschweig, 1904. 
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with the coal and produce the carbon monoxide which, were 
there time enough for the establishment of equilibrium, would 
become the chief constituent of the gas mixture. 

Eeverting to our discussion of the catalysis of gas reactions 
by solids, we now see that, if the activity of catalysts depend 
solely on their relative rates of diffusion, the extent of their 
boundary surfaces ought to be the sole determinating factor. 
Observation fails to corroborate this. The catalytic effect of 
platinum on mixtures of sulphur dioxide and oxygen surpasses 
that of finely divided porcelain to a degree which is quite 
inexplicable on any possible assumption regarding the relative 
extent of the surfaces exposed. Such cases are numerous. It 
may be remarked that a rise of temperature does not favour 
diifusion and catalysis to the same degree. Thus, with the 
same catalyst chemical influences may be the determinating 
factors at low temperatures and diffusion at high ones. (See 
Appendix, No. I.) 

It should be remarked that the temperature coefficient of 
diffusion has been compared with the temperature coefficients 
of heterogeneous chemical reactions, in order to decide whether 
the velocity of diffusion differs from the velocity of the chemical 
reactions, reaction. Eising temperature accelerates diffusion but slightly, 
while it greatly accelerates chemical reactions. 

In the course of a discussion regarding this point between 
Bodenstein and Stock, the question came up as to what, in this 
sense, a slight or great acceleration was. Bodenstein considered 
that the accelerating effect of temperature was great when at 
high temperatures a rise of 10"^ increased the velocity constant 
by 20 per cent. Stock disagreed with him.^ Bodenstein was 
certainly right, for as far as our information goes, the co- 
efficient of gaseous diffusion increases no more than proportionally 
to the square of the absolute temperature,^ that is, for a 10" rise 
of temperature it would increase by 6 to 7 per cent, at ordinary 
temperature, and by 2J per cent, at 500°. The increase of the 
velocity constant, both of gas reactions and of gas diffusions, 

1 Zeitschr. f. physik. Chemie,bO, 112 (1904). Compare Berl, Zeitschr.f. 
Anorg. Chemie, 44 (1905), 267, whose results, ia my opinion, favour the 
reaction velocity rather than the diffusion velocity explanation. 

2 0. E. Meyer, " Kinetische Theorie der Gase," 2nd edit. (Breslau, 1899), 
§101. 
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becomes smaller as the temperature rises, but both preserve 
approximately the ratio of 10 to 1. 

Eeturning to our graphical representation of the matter in 
Fig. 10, we see there is still one other way imaginable of deter- 
mining an equilibrium at low temperatures, to the left of a, 
without actually reaching it ; that is, as Nernst has pointed out, 
the recLction vdoeities may be studied.^ (See Appendix, No. II.) 

Nernst made observations on the formation of nitric oxide Nernst's 
from air at 1538°. He used a platinum tube of 13*5 cm. ^^^^ 
length, of 0*85 cm. bore, and with walls 0*17 mm. thick, with mination 
which to heat his current of gas. This tube was kept hot by ^rfj^ ^' 
means of an alternating current of low voltage. A thermo- 
element was inserted in the platinum tube, and a magnesium 
tube, which served to lead the gas out of the zone where the 
platinum was brightly glowing into a cold tube. When simply 
air was forced through, Nemst got the following results : — 


Quantity of air. 


1-3 
1-0 

1-6 


Time 
(minutes). 


c.c. NO. 



c.c. NO per 
minute. 


C. 0-006 
0006 
0-0066 


So we see that in the least rapid stream there was 0*96 c.c. 
NO in 1'6 litre, or 0*6 c.c. per Utre. When the velocity was 
greater the yield of nitric oxide per litre of air was smaller, and 
yet the rate of formation was practically the same in every 

case. 

Nemst similarly conducted a mixture containing 3 per cent. 
NO and 97 per cent, air through the same tube at the same 
temperature. When t represents the number of minutes 
required for a litre of this mixture to pass through, he found 
the following quantity, a?, of nitric oxide in the escaping gas 
(c.c. per litre) : — 

t X 

30-0 

44 19-9 

198 8-2 


Bate of 
fonnation 
of nitric 
oxide. 


Bate of 
decom- 
position 
of nitric 
oxide. 


" QSttinger Nachrichten " (1904), p. 269. 
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that is, in the slowest current 8*2 c.c. NO remained undecom- 
posed. Evidently equilibrium was neither reached during the 
formation nor the decomposition. It must have lain between 
the limits of 0*6 cc, and 8*2 c.c. per litre. The exact place 
where it did lie may be found by a further consideration of the 
numbers given. 

What we said above relative to hydriodic acid applies also 
to the reaction — 

2N'0;tNa + 02 
namely — 


<^C)no 
dt 


= A'Cno' - FCn, . Co, 


All concentrations may be expressed in cubic centimetres 
per litre of gas, for it does not matter what unit we adopt. 
Suppose that in one case we allow a few cubic centimetres of 
NO to form in a litre of pure air. In another case suppose we 
allow a little NO, in a mixture containing 3 per cent. NO 
and 97 per cent, air, to decompose. Evidently the relative 
amounts of oxygen and nitrogen change but very slightly 
in each case. The product CN2C02 then remains nearly 
constant. Consequently, we are not surprised that the rate of 
formation of NO, represented by the product i"CN2Co2> was 
found to approximate closely to 0"0066 c.c. per minute, what- 
ever the velocity of the current of gas happened to be. If we 
further substitute x for the concentration of the nitric oxide 
(measured in c.c. per litre) we obtain at the temperature used 
in this experiment — 

- ^ = V^ - 0-0066 (a) 

At equilibrium x will have the particular value x^sy and jr 

will vanish ; hence — 

A:V = 00066 (6) 

Now we are able to calculate the constant A;' from the 
observations of the rate of decomposition by integrating the 
kinetic equation (a) just given. Nernst found in this way 
that — 

2a)bi' = 0036 
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combining this with J, we get — 

iKd = 3-7 

That is, when equilibrium is reached at 1538°, there would be 
3'7 c.c. NO per litre of air. (See Appendix, No. III.) 

Let us now return to a discussion of those cases where it is 
possible to reach an equilibrium by some known experimental 
arrangement. 

It is evident that we must have some method of telling Proof that 
when, or better whether, the equilibrium has been reached. f^fP^^'j^^^g 
By far the best method for doing this is to approach the reaUy 
equilibrium from both sides. K we obtain the same com- ^j^ilgj^ed 
position in each case, we may be sure that equilibrium has really 
been attained. To apply the method, we start in one case with 
the substances on the left-hand side of the reaction equation, 
and in the other with the substances on the right-hand side. 
We ought to get the same value in each case for the equili- 
brium constant calculated from the composition of the escaping 
gases. We must not, however, expect that equilibrium is 
necessarily reached with equal rapidity from both sides. The 
equilibrium constant represents simply the ratio of the velocity 
constant of direct and counter reactions. If it does not 
approximate to unit value, then the velocities of the direct 
and counter reactions will be quite different. 

It is possible, under certain circumstances, to attain equili- Equili- 
brium from each side simultaneously and in the same experi- 1^^^^ 
ment. A method used by van Oordt and myseK^ in studying from both 
the ammonia equilibrium may serve as an illustration. The^^^^^ 
arrangement of the apparatus is shown in Fig. 11. We see at the same 
the extreme right a flask containing the compound of ammonia ^^^t?" 
and ammonium nitrate easily decomposed by heat. The flask 
rests upon a ring bent in one end of a straight copper wire, 
whose other end is kept hot by an adjoining burner. A 
constant supply of heat is thus maintained, and in consequence 
a regular stream of ammonia is developed. This stream of 
ammonia is dried by passing over lime. It then passes 
through a bubble counter, A, containing a movable drop of 
mercury, and into the porcelain tube labelled eins, which lies 
in the electrically heated furnace. There are several wads of 

^ Zeitschr,/. anorg, Chemie, 44 (1905), p. 341. 
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asbestos in the middle of this tube. 
These had been digested in hydrochloric 
acid till they no longer gave a test for 
iron, then ignited in a stream of hydrogen, 
given another thorough treatment with 
hydrochloric acid, and then finally, after 
washing with water and diying, impreg- 
nated with some ferrous oxalate and 
placed in the tube. At the beginning 
of the experiment the ferrous oxalate 
was first reduced to metallic iron by 
heating it in a current of hydrcgen or 
of ammonia. The gas passed the iron 
asbestos and entered the Vollhard absorp- 
tion flask B, containing sulphuric acid, 
and seen at the extreme left of the 
figure, without ever coming into contact 
with rubber or cork. A glass sleeve 
made tight with red lead served to 
attach this flask to the outlet of the 
porcelain tube. Near this junction was 
a movable mercury seal such as is used 
in ozone experiments. Below it and the 
absorption flask came a bubble-counter C, 
a mercury manometer D, and two stop- 
cocks. The purpose of these stopcocks 
as well as the other details of manipula- 
tion need not be given here. On leaving 
the Vollhard flask the gases passed 
through a three-way cock E, a tube F 
filled with quicklime and provided with 
a mercury seal, and entered the second 
porcelain tube, which was identical in 
every way with the first. From here they 
again escaped, without ever coming in con- 
tact with rubber, into a second Vollhard 
absorption flask G, to which a gasometer 
or an experimental gas-meter was attached, 
in order to measure the quantity of gas 
passed through the apparatus. 
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la cases where an equilibrium cannot be reached from both Indirect 
sides, there are several other ways of deciding whether or not ^^^^^^^^ 
the final condition really represents an equilibrium. In theequili- 
first place, the duration of the reaction may be increased in aJfa^eJj 
order to see whether any further change is thereby brought 
about. Again, one can investigate whether the equilibrium 
constant obtained is quite independent of the initial composi- 
tion of the reacting mixture. If these conditions are varied 
over wide limits and yet no change is produced in the equili- 
brium constant, it is reasonable to consider that equilibrium 
has really been attained. Again, if we know the heat of the 
reaction, we may then compute the change of the equilibrium 
constant for a certain moderate change of temperature, using 
the formula of van't Hoff. If we actually obtain the previously 
calculated value at the higher temperature, it is strong evidence 
that the equilibrium constant was correctly determined. Besides, 

a he 


Fio. 12. 


if we know the specific heats of the substances involved, then 
a single correct equilibrium determination permits us to find 
the free energy for all temperatures and all compositions. We 
may therefore, in such cases, use observations at widely different 
temperatures to check our results. 

It is often more diflBcult to further test whether or not the Tests 
equilibrium has been displaced during the cooling. If our oven J^e^^jii. 
has a tubular shape, we may, with Nernst (loc. cit), use thebriamhas 
above diagram in our discussion (Fig. 12). The gases Aow^^^j^^^jq 
through the tube in the direction of the arrow. We assume period of 
that the temperature t prevails throughout the length ab, and *^^ ^"^* 
that the gases reach equilibrium in this region. To promote 
this as much as possible, the cross-section of the tube should be 
large, thus diminishing the velocity of the gas. Wherever 
possible we should put catalytic agents in this part of the 
tube. We will further assume that at e there prevails such a 
temperature as would wholly "paralyze" the reaction. Our 
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object then would be to so regulate the How of the gas and so 
adjust the length he, that the gas would pass from & to c without 
in the least changing its composition and yet be cooled from 
t ->► ^0. Our first thought is to decrease the cross-section of the 
tube at this point to capillary dimensions, and so hasten the 
passage of the gas through the dangerous region. Using such 
an arrangement, one finds in general that the composition of 
the gases escaping at c at first depends on the rate of flow ; but 
when this is increased beyond a certain point, the composition 
remains constant. The natural and agreeable conclusion from 
this is, that at low velocities the composition changes in passing 
from 6 to c, but that when the velocity is sufficiently increased 
this displacement no longer occurs, and the escaping gases 
correspond to the equilibrium condition, provided the equili- 
brium condition has been reached between a and 6. Yet this 
conclusion may well be a wrong one, because we know that at 
high velocities this last provision is not fulfilled. Most of the 
uncertainty may be removed by trying to reach the equilibrium 
from the other side. In each case the limiting velocity is found 
above which the composition is independent of the velocity, and 
the equilibrium constants which are then determined ought 
to be equal. But another source of uncertainty still remains. 
As Nemst emphasizes, an increase in the velocity does not 
necessarily mean an increase in the rate of cooling. The more 
rapid current carries more heat along with it, and so prolongs 
the stretch in which the temperature is falling from t ->► t^ Such 
an experiment would only yield conclusive results when the 
apparatus is changed, as, for instance, by the addition of a 
cooling-jacket, so that the length of the tube in which the 
temperature is falling remains constant in spite of the increasing 
velocity. 

This uncertainty is eliminated if we are able to use such a 
low temperature in the region ab that we may assume that 
the reaction practically ceases when the gas escapes from it 
and loses contact with the catalyst. But with gases at high 
temperatures we must always take the above fact into con- 
sideration, for all substances at sufficient high temperature act 
catalytically on gas reactions. 

We may be most certain of our results when, as Bodenstein 
did in the case of hydriodic acid, we measure not only the 
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equilibrium constant, but also the velocity constants of the direct 
and counter reactions. For if in the equilibrium determination 
the point we find lies out beyond 6 (Fig. 10) on the dotted line, 
it will be disclosed very clearly by an abnormal variation of the 
velocity constant. 

We will finally mention an instructive idea of Nernst's,^ Nemst's 
which will show the significance of the rate of cooling in a 4^^018- 
somewhat diEFerent light. We will first assume, for the sake of placement 
illustration, that a mixture of nitric oxide, nitrogen and oxygen Luiu- 
in equilibrium at 4200° is escaping from a flame. The flame brium 
represents a plane surface, and the gas mixture is moving in tem^* 
a direction normal to this surface, and so suffers a very rature 
rapid cooling along a very short distance. Let ns assume, ^ 
that the cooling amounts to 1000° per millimetre, and that the 
equilibrium corresponding to each temperature in every thin 
lamella along the path is instantaneously adjusted. Then the 
composition of the mixture will be decidedly different, even at 
a distance of a single millimetre from the flame. The partial 
pressure of the NO will have sunk to about half its original value, 
while the partial pressure of the oxygen and nitrogen will have 
increased very slightly to counterbalance this. Diffusion will 
therefore tend to force NO out of the flame into the cooler 
region, while oxygen and nitrogen, on the other hand, will tend 
to diffuse back into the flame. The equilibrium in the various 
layers will, nevertheless, remain undisturbed, so long as the 
chemical reaction takes place rapidly enough to replace or 
remove these diffused gases, which would otherwise disturb the 
equilibrium. But as soon as the reaction becomes so slow^ 

1 " Boltzmann-Festschrift " (Leipzig, 1903), p. 905. 

^ The mathematical theory given by Nernst ijA)c. cUJ) for the conditions in Mathe- 

each separate layer may be stated as follows : Consider a layer of unit matical 

volume (1 litre), in which the mass of the nitric oxide (measured in mols, f®^*^^'^ 

i.e. Cno) experiences a certain increase in the time dtj which may be repre- ^.j^q diflfu- 

sented by — sion con- 

dcjta j^ Btant and 

-^ X ^* the velo- 

city oon- 
Since unit mass (in mols) exerts the pressure RT in unit volume (1 litre) s^nt of 
(R = 0*0821 litre atmospheres), then the increment of the pressure in the aecordin'o- 
layer is — to Nernst. 

IlTx^xdt 
at 
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that it can no longer do this, diffusion forces more and more 
nitric oxide out of the flame, and more and more oxygen and 

Similarly the mass increases in a layer of thickness dx and area ci by the 
amouut — 

^y.dx^y.dt 

and the partial pressure of the nitric oxide by — 

RTjd* X ^^^ X di 

Since this increase is due to diffusion, those principles apply which were 
first enunciated by Fourier (Mach, " Prinzipien der Warmelehre " (Leipzig, 
1900), p. 83 ff.) for the conduction of heat, and later used by Fick (JBogg, 
Ann,y 94 (1855), 69) in the study of diffusion. Accordmg to these principles 
the increase of the partial pressure jjgo is — 

Dqdx X ^^ X dt 

when D is the diffusion constant. We may best get a conception of the 
significance of this diffusion constant if we imagine two immense closed 
spaces at the same temperature throughout There is nitric oxide in one of 
the spaces, and a mixture of nitrogen and oxygen in the other, both at 
atmospheric pressure. In the first there is no oxygen or nitrogen, in the 
second no nitric oxide. We join the two spaces by a tube 1 cm. long, and 
of 1 sq. cm. cross-section. The amount of nitric oxide diffusing through in 
one second represents the diffusion constant. 

If, then, the chemical reaction destroys exactly as much nitric oxide as 
diffusion brings to that particular layer, then tlie condition is a stationary 
one. Now, in accordance with well-known principles, the rate of decompo- 
sition of nitric oxide at any given temperature is represented by — 

^ NO 7 f ^ 7 It 

The decrease of its partial pressure — 

-•HTqdx'^-^dt 

may then, in so far as it is due to decomposition of NO into the elements, 
be represented by — 

KTqdx X dt (k'c^go - ^"cs2 X <V)a) 
This expression must be equal in the stationary condition to the increase 
of the partial pressure due to the diffusion 

It therefore follows that— 

D^=RT(A'c«o-A"c..xc„,) 
It is easier to evaluate the right-hand members of the equation than the 
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nitrogen into it. Consequently, the composition of the gas 
mixture in the cool zone approximates nearer and nearer to 
that in the hottest zone the less the velocity of the reaction 
becomes and the shorter the length through which diffusion 
can act. The diffusion velocity of gases increases rapidly with 
the temperature. It should, according to the kinetic theory of 
gases, increase with the 1*5 power of the absolute temperature. 
Actual experiment at relatively low temperatures indicates that 
it actually increases with the 1*7 to 2 power of the absolute 
temperature. This explains why, in cooling a gas from a very 
fiigh temperature, the effect of diffusion outweighs that of 
reaction velocity, and makes the composition of the mixture 
in the cooling zone approximate to that of the equilibrium 
mixture in the flame itself. 

We shall now examine a little more closely, in the light The 
of these observations, the equilibrium attained in the formation of'^Jric^ 
of nitric oxide from its elements, as studied by Nernst. This oxide in 
equilibrium is of especial interest, because the temperature at ^^^ ^" 
which oxygen and nitrogen react is very high. Nernst made oxy-hy- 
use of some explosion experiments of Bunsen ^ to determine mi^ures 
the position of equilibrium at this high temperature. coDtaining 

Bunsen exploded equivalent mixtures of oxygen and hydrogen "'"^®°' 
to which air had been added, and found the values given in the 
following tables : — 


1 
2 
3 
4 


Volume of ozy- 

hydrogen mixture 

per lou vols. air. 


64-31 

78-76 

97-84 

226-04 


Residual air 
(per cent.). 


99-90 
99-43 
96-92 
88-56 


Per cent. KO. 


0-07 
0-38 
2-05 
7-63 


Temperaturr, 
degrees G. 


2-200 
2500 
2700 
.8200 


left, because the diffusion constant depends, in the first place, on the tem- 
perature of the gas mixture, and, in the second, on the composition of the gas 
mixture. Similarly the increase in rate of the partial pressure change — 


^P 


NO 


dx^ 


depends on these same variables, though in a different way. 

* ** Gasometrische Methoden " (2nd edit.), p. 73. Braunschweig, 1877. 
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From this Nernst calculated the percentage of nitric oxide pro- 
duced in the explosion. The fact that the nitric oxide formed 
reacted with the oxygen to form nitrogen peroxide was taken 
into consideration in the calculation. When this has been 
absorbed we get the " residual air " given by Bunsen in the 
table. The formation of nitrogen peroxide uses up haK a volume 
Oa for every volume NO, so that two-thirds of the deficit between 
the 100 c.c. of air taken and the "residual air" equals the 
volume of the entire nitric oxide produced. The temperatures 
appended to the table represent the mjiximum temperatures 
attained in the explosion. It was, of course, impossible to 
measure them directly. They may be calculated, however, from 
the specific heats of air, nitric oxide, and the oxy-hydrogen 
mixture, and from the heat of formation of water- vapour and of 
nitric oxide. Nernst used Langen's values for these quantities. 
Since the specific heats of hydrogen, oxygen, nitrogen, and 
nitric oxide are nearly identical, and have in addition the same 
temperature coefficients characteristic of all diatomic, per- 
manent gases, this calculation is not so uncertain. It 
naturally makes some difference in this case what the heat 
loss due to radiation was, and what allowance was made for it, 
but Nernst ^ says nothing about it. 
Conclu- Without knowing more about the equilibrium we could 

thTexS™ draw no conclusions from the numbers given in the table. But 
eionex- Nernst's observations in his hot tube at lower temperatures 
perimente. g^^^ clearly that the value 0*07 for 2200° is smaller than 
corresponds to the equilibrium. (See the record of later 
experiments in Appendix, No. V.) Even at 2500° the equili- 
brium is certainly not reached. It therefore appears that the 
exceedingly short interval of time in which the explosion 
of the oxy-hydrogen mixture heats the air to something like 
2200° does not suffice for the establishment of equilibrium. We 
could determine the length of this interval of time if we knew 
the velocity of propagation of the explosion, and the rate at 
which the gas cooled. But neither of these values can be 
obtained directly from Bunsen's experiments. The rate of 

^ In regard to the radiation from flames, see R. y. Heimholtz^ ^* tJher die 
Licht- und Warmestrahlung verbrennender Qase " (prize essay presented to 
the Vereins zur Befdrdenmg des Gewerbefleisses in Preussen, Berlin, 1890). 
See also, Nernst, Fhysikalische ZeiUchr., 5 (1904), p. 777. 
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cooling depended on the width of the eudiometer tube. It was 
much greater in narrow than in wide vessels. The velocity of 
propagation in the eudiometer which he used was not constant, 
but increased as the flame advanced. We may perhaps assume 
that in Bunsen's experiment the maximum temperature was 
maintained for about the one-thousandth part of a second. In 
any case, we may conclude that, using the explosion method, the 
point a (Fig. 10) in this case must lie at least as high as 2500°. 
On the other hand, experiments three and four lie in the region 
aJ, where equilibrium is attained ; for the value of equilibrium 
constant determined by Nernst at lower temperatures extra- 
polated to their temperatures shows a satisfactory agreement 
with them (p. 106). 

We may here appropriately discuss the preparation of nitric The 
oxide from the air on a technical scale. (See Appendix, Nos. IV., teohmcul 
v., and VI.) This process, which we may call the "burning of tionof 
air," is of the very greatest technical importance, because from ^^^^ 
nitric oxide, air, and water we can make nitric acid, and 
from this the nitrates which are of such fundamental import- 
ance in agriculture and the manufacture of explosives. It 
is estimated that the saltpetre beds of Chili will be exhausted 
by 1940.^ No other natural deposits of importance are known. 
Attempts to fix the atmospheric nitrogen by heating calcium 
carbide and to then obtain a fertilizer which could take the 
place of saltpetre have been successful so far as the process 
itself is concerned, but is doubtful how far this fertilizer can 
be substituted for saltpetre, and its transformation, first into 
ammonia salt and further into nitrates, does not stand perhaps 
on so favourable an economic basis as does the burning of the 
air. It is possible to get nitric acid by the oxidation of 
ammonia with oxygen, and ammonia may be obtained in great 
quantities from the distillation (Mond) of coal. But it seems 
that this change is always connected with an appreciable loss of 
ammonia transformed into nitrogen, so that here too the economic 
basis is less favourable than in the burning of air, where all that 
is needed to produce nitric acid is air, water, and power. 

Let us now examine from this theoretical standpoint the The 
actual attempts which have been made to effect this combustion ^?|f^^of 

* Sigfiid Edstrom, Transcbctions of the American Electrochemical Society, 
vol. vi. p. 16 (1904). 
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nitric acid of the air. The yield of nitric oxide per unit of applied elec- 
cTajtrical*^ trical energy is, of course, the crux of the whole matter. Our 
energy, first problem will then be to find how much energy should 
be theoretically necessary to effect the combustion. Here we 
may base our calculations on nitric acid, for this can be made 
by a series of spontaneous reactions directly from nitric oxide, 
water, and the oxygen in the air, without the expenditure of any 
more energy. These reactions may be collected in the following 
empirical equation : — 

2N0 + liOa + aq. = 2HNO3 aq. 

The case We will consider the case of a quietly burning, high-tension 

hotMc ©l^ctric arc whose temperature may be placed at something like 
4200°. From our previous equation we see that at this 
temperature the equilibrium constant must equal — 


V^o 


= 0-29 


and if air were the starting material the composition would be- 


NO 

10 per cent. 


O2 
16 per cent. 


74 per cent. 


Ten mols of NO will yield 630 grms. HNO3 with the help of 
air and water. To get this amount of nitric acid we must, there- 
fore, heat 100 mols of permanent gases to 4200°, and besides, 
furnish the 10 x 21,600 cal. of heat necessary to form the 10 
mols NO. Of course, we cannot state accurately the heat needed 
to raise the 100 mols of permanent gas from room temperature 
to 4200°, yet the formula— 

6-8 -I- 0-0006^ 

for the mean specific heat per mol will not be very much in 
error. It does not, of course, make much difference whether we 
take 0° or 20° as our starting-point. We then find for tr, the 
heat needed to heat the gas — 

w = 100(6-8 + 0-0006 X 4200)4200 = 3,914,400 cal. 

To this we must add 216,000 cal. for the heat of formation, so 
that altogether we should have to expend 4,130,400 cal. In 
electrical units this amounts to 17,286 kilowatt seconds, or 
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4*71 kilowatt hours for 630 grms. HNOb. The yield then, per 
kilowatt hour, would be 134 grms. HNOs. In practice it is usual 
to take the kilowatt year as a unit, it equalling 365 X 24 = 8760 
kilowatt hours. It follows that the possible yield from one 
kilowatt year would be about 1174 kgs. of nitric acid. 

Let us, in the second place, assume that it would be possible The case 
to have the arc bum at a temperature 1000° lower. The nitric ^^^*^® *^^^ 
oxide concentration at equilibrium would then be but half as 
great as before. The energy needed to heat 100 mols of the gas 
would be — 

w = 100(6-8 + 0-0006 X 3200)3200 = 2,790,400 cal. 

The formation of 5 mols NO would require 108,000 cal. 
The total consumption of energy would then be 2,898,400 cal. In 
electrical units this would be 3*37 kilowatt hours. But our yield 
of nitric acid would only be 315 grms. The theoretical yield in 
this case has therefore sunk to 93*5 grms. per kilowatt hour, or 
819 kgs. nitric acid per kilowatt year. Lowering the temperature Advan- 
thus diminishes the possible yield. It also involves increased ^ff"i|^^ 
difficulty in the subsequent treatment of the gas, for while it is tempera- 
relatively easy to transform concentrated nitric oxides quite *^^®' 
completely into nitric acid by the use of air and water, it is 
difficult to effect the same conversion with dilute vapours. 

On the other hand, the use of low temperatures offers two Ad?an- 
advantages. The explosion experiments of Bunsen show that J^^^Jem-* 
no matter how short the period of reaction is made, there would perature. 
still be time enough for the adjustment of the equilibrium. It 
would be practically impossible to force air through an arc at a 
rate which would exceed that of the explosion of an oxy-hydrogen 
mixture. But experiment has repeatedly shown that the equili- 
brium attained at 3200° is permanently paralyzed the instant it 
enters the cooling zone, while at 4200° the readjustment of the 
gaseous system is so rapid a one that a part, at least, of the 
nitric oxide formed certainly reverts to nitrogen and oxygen, 
unless some special device be used to increase the rate of cool- 
ing. One advantage of a low temperature, then, is that it better 
avoids the reconversion of the nitric oxide. 

Another advantage lies in the fact that the loss of heat 
energy by radiation is less at the lower temperature. The 
radiation of heat by gases increases with the temperature much 
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more rapidly than the temperature itself. We can get some 
idea of the matter by recalling that the energy radiated by a 
solid body increases with the fourth to fifth power of the 
absolute temperature. The intensity of the visible radiation from 
a steadily burning arc is so great that in the fraction of a second 
it completely blinds the eye. These rays are chiefly absorbed 
by the walls of the vessel, and hence their energy is lost so 
far as the formation of nitric acid is concerned. We must 
evidently take both these points into consideration in design- 
ing our apparatus. 

There is also a third factor to be considered. Any portions 
of gas which enter the arc a second time waste just so much 
electrical energy. For since the equilibrium was reached during 
the first passage of the gas, a second passage can do no more 
than reach a former condition, which in the mean time may 
have been altered by loss of heat or reversion into the 
elements. 
Older Cavendish was the first to observe the combination of oxygen 

attempts and nitrogen in electric sparks. Indeed, he was able to prepare 
nitric some milligrams of saltpetre per hour with the modest appliances 
oxide in ^f jjjg time. His method was simply to pass sparks through air 
confined over a caustic alkali solution. In 1892, Sir William 
Crooks showed that a high-tension arc was especially well 
suited to the preparation of nitric acid from the air. In 1897, 
Lord Eayleigh determined the yield of nitric acid obtainable 
from a 2000-volt arc burning in a closed vessel of 50 liters 
capacity, into which a jet of caustic alkali, and a gas-supply 
containing eleven parts oxygen and nine parts air were led. 
These are the stoichiometric proportions of oxygen and nitrogen 
required for the formation of nitric dioxide. A conversion of 21 
litres of gas per hour was obtained. This corresponds to a 
yield of 50 grms. nitric acid per kilowatt hour. 
Experi- After the problem had been shown to be experimentally 

M^ ° accessible in this way, McDougall and Howies ^ undertook a 
DougaU more thorough investigation. They burnt the air in a high- 
Howies, tension arc inside of vessels of various shapes. They found that 
a great deal depended on forcing the burnt gas as rapidly as 
possible out of the arc and preventing it from getting back 

* Memoirs and Proceedings of the Manchester Literary and Philosophical 
Society (IV.), 44 (1900), No. 13. 
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again. The form of vessel they finally chose is illustrated 
in Figs. 13 and 14. The air enters the vessel at D at the rate of 
20 liters per hour. A and A' are the electrodes, and E a glass- 
covered observation-hole in the earthenware vessel. McDougall 
and Howies obtained 34 grms. of nitric acid per kilowatt-hour 
under the most favourable conditions, using air. Using Lord 
Eayleigh's mixture of oxygen and air they obtained 67 grms. 
McDougall and Howies instinctively ascribed their double yield 
from a mixture containing 67 per cent, O2 and 33 per cent. Ng, 
20*9 per cent. O2 and 791 ^"2 (air) instead of to mass action. 
Since the rate at which the nitric oxide is formed is dependent 
on the product — 

C^g X C02 

JiE JIP 



Pig. 13. 


Pig. 14. 


and since this expression has its maximum value in a mixture 
containing equal parts of both gases, it is certainly clear that a 
mixture containing 33 per cent, nitrogen and 67 per cent, 
oxygen will react quicker than air. But the rate of NO forma- 
tion is quite inconsequential, for in all cases there is time enough 
for the attainment of the equilibrium at the temperature of the 
arc. McDougall and Howies have therefore overestimated the 
importance of mass action here, just as others have done in 
the preparation of sulphuric acid (p. 199). 

One might at first lay stress upon the view that the substi- The 
tution of a mixture of one-third nitrogen and two-thirds oxygen suppoaed 
for air would increase the NO concentration at equilibrium. 
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action 
of the 
oxygen. 


The nitric 
oxide con- 
tent of 
the gas 
mixture 
in Mo- 
Dongall 
and 

Howies' 
experi- 
ments. 


since the temperature and consequently the equilibrium con- 
stant is not changed. The arc which McDougall and Howies 
used was certainly very hot. We shall not be very greatly in 
error if we place its temperature at 4200°. With air this would 
correspond to a NO content of 10 per cent. ; with the mixture 
containing more oxygen it would correspond to 125 per cent. 
This evidently does not explain a doubling of the yield. The 
only conceivable explanation from this point of view is that 
when oxygen is used the equilibrium is " frozen," or fixed, much 
more quickly in the cooling zone than when air alone is used. 
But there is absolutely no reason for believing this would be the 
case. Indeed, with the same rate of cooling, the decomposition 
of the nitric oxide would be decidedly more rapid in the mixture 
where it was the more concentrated, for the rate of its decom- 
position is proportional to the zquare of its concentration. 

The matter becomes a little more comprehensible when we 
note the statement of McDougall and Howies that in their most 
successful experiments with air (34 grms. yield of HNO3 per 
kilowatt hour) 51*5 per cent, of the oxygen of the air was used 
up in forming nitric acid. Of the 21 per cent, by volume of 
oxygen which air contains, there were used — 

In forming NO 3*716 per cent. 

In controverting NO into N2O5 . . 5*574 „ 

The composition of the gas at which the equilibrium stopped as 
the gas cooled, was therefore — 


N, 


0, 


'2 


75'28 per cent. 17*28 per cent. 


NO 
7*44 per cent. 


A reversion from the assumed 10 per cent. NO content in the 
hottest zone to 7'5 per cent, is easily credible. By using a 
similar arc and forcing the hot gases directly into a tube kept 
cool with running water, Brode^ was able to obtain almost 
the same amount. Muthmann and Hofer^ with similar arcs 
found a 6*7 per cent, content of NO without using any such 
cooling device. To explain the increased yield of NO in 
McDougall and Howies' experiments on the basis of mass action 

1 " Habilitationsschrift " at Karlsnihe (1905). 

2 Berh Ber., 36 (1903), 438. 
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would necessitate assuming that 15 per cent. NO was not only 
formed but also retained in the gas, neither of which assumptions 
is at all plausible. The improved yield must rather have 
been due to some unintentional change in the arc. The great 
influence of the particular conditions under which the arc bums 
is clearly shown by the experiments of McDougall and Howies 
on this point. 

Indeed, working under the same conditions they obtained Influence 
in the same time almost identical amounts of nitric acid, using g^ape of 
in one case 174 watts per second and in another 302 watts the arc as 
(current strength 018 to 0*34 amp.). 130 watts was therefore ^^^ ^ 
wasted in the second case simply in radiation. If we usei>ougail 
the fixed arc of McDougall and Howies, we ai-e unable tOHo^jeg, 
produce long arcs without a large consumption of electricity. 
We get short and thick arcs, in which the gas lingers too long, 
and needlessly radiates its heat away. We could accomplish 
much more if some arrangement were used in which the arc is 
kindled and expands through a great volume of air, and when it 
goes out is quickly kindled again. In this way we should 
obtain long, thin, thread-like arcs which would heat every 
part of the air through which they pass for an excessively 
short period of time. The amount of useless radiation and 
consequent loss of energy would be reduced. At the same 
time the rate of cooling in this way would be very rapid. 
Bradley and Lovejoy ^ on the one hand, and Bkkeland and 
Eyde ^ on the other, have followed out these considerations. (See 
Appendices, Nos. IV., V., and VI.) 

Bradley and Lovejoy used mechanical, Birkeland and Eyde Technical 
magnetic, means to realize the above conditions Bradley and *?^*^*J^* 
Lovejoy constructed an iron cylinder 1*54 metres high and 1*23 and Love- 
metres in diameter. A steel tube was placed in the longitudinal ^^^' 
axis of the cylinder and was rotated at the rate of 500 turns per 
minute by an electric motor. This tube was connected electri- 
cally with the positive pole: 23 brass collars were fastened 
one above the other along it. Six metal posts were attached 
to the outer circumference of each of these collars at an angular 
distance of 60° from one another, and all pointing in the same 
horizontal plane. Each post was tipped by a platinum needle 

1 Sieke Zeit%chr,f. Elektrochemie, 9 (1903), 382. 

'^ For data see Zeitschr./.angew. Chemie 18 (1905), 217. 
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01 mm. in diameter. Corresponding to these crowns of thorns, 
6 rows of 23 opposite electrodes were led in through the walls 
of the iron cylinder. They were insulated by short porcelain 
tubes, and each was connected to the negative pole of the 
dynamo. Each of the 23 collars, or crowns, was turned 2*5° 
around its neighbour immediately below. Turning the steel 
tube 2*5° about its axis, therefore, brought each needle exactly 
above the place where the corresponding needle of the next 
lower collar had been before. The opposite electrodes were 
small platinum-iridium hooks, and whenever a point got near 
a hook the spark struck across and the arc was lighted. The 
rapid turning of the axis steadily lengthened the arc till it 
finally broke at a length of some 15 cms. Meanwhile, the arc 
had been kindled on the points of other collars, and these arcs 
in turn were stretched and broken. In this way some 6900 
arcs were formed every second. There were between 250 and 
300 arcs burning at the same time. A direct current of 10,000 
watts fed these arcs. It was supplied at a pressure of 10,000 
volts. The heating current was then 1 ampere and the current 
per arc about 3 X 10~^ ampere. These tiny current strengths, 
and the great average length of the arcs, naturally resulted in 
making the arcs extremely thin. The air blown into the vessel 
could, therefore, only remain for the briefest instant in the arc 
long enough to allow for the heating of the gases and the 
adjustment of the equilibrium, but affording much less oppor- 
tunity for recombination or loss by radiation than did the 
^ apparatus of McDougall and Howies. Although the apparatus 
makes it easy for the gases to enter a second arc and so be heated 
again, still the yields with this apparatus are much better than 
in the arc of McDougall and Howies. 88 3 grms. of nitric acid 
per kilowatt hour, or 770 kgs. per kilowatt year, was obtained. 
Technical Birkeland and Eyde have devised an apparatus which is 
«P^raiuB distinctly superior to that of Bradley and Lovejoy. By its 
land and means they have been able to obtain a still better yield of 
Eyde. nitric acid per kijowatt. The principle of the apparatus is 
illustrated in Fig. 15. An alternating-current arc bums under 
high tension^ between copper poles. A strong magnetic field, 

^ fiirkeland and Eyde^s method is in practical operation at the works of 
the Actieselskabet dot Norske Evaelstofcompagni, in Arundel, Norway. 
Bradley and Lovejoy^s method does not appear to be in operation. 
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set up by a direct current, constantly " blows " the arc away 
from its starting-point, so that it is forced outward into semi- 
circular form and finally broken oflf. One arc follows the other. 
Those belonging to one phase of the alternating current are 
blown upward, those belonging to the opposite phase are blown 
downward. The condition of affairs indicated by dotted lines 
in the figure is thus brought about. The whole plate-shaped 
arc is contained in a flat chamber through which the air is 
passed. The yield is said to amount to 900 kilograms per 
kilowatt year, and sometimes to as much as 950 kilograms. 

The form of apparatus devised by Birkeland and Eyde, like 
that of Bradley and Lovejoy, furnishes an excess of air to the 
gases after they have passed through the arc. Therefore the 
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Fig. 15. 

escaping gases in both types of apparatus contain only 2*3 
per cent, of nitrous vapours or even less. NO2 is the principal 
constituent, because conversion into N2O4 does not take place 
to a large extent at such small partial pressures, though the 
temperature is low. 

Compariug ihe actual yields with the theoretical require- The 
ments, we see that it will be diflBcult to make much further peeulta*^ 
progress in this direction. The 900 kgs. per kilowatt year conaidered 
already amounts to four-fifths of the theoretically possible yield theoretical 
when we instantaneously cool gases heated to 4200°. Jf we heat stand- 
the gas beforehand in some cheaper way it will improve matters, ^^° * 
provided the rapidity of cooling is not lessened by so doing. 
Howies and McDougall got poorer yields when they used heated 
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air. Besides, the improvement of the yield per unit of energy 
is no longer the point of greatest importance : 900 kgs. of 
nitric acid corresponds to 200 kgs. of nitrogen in the combined 
condition. Combined nitrogen has a market value of about 
25 cents per kg. A kilowatt hour per year, or a kilowatt 
year costs in favourable localities about $10.00. This means 
that the yield of nitric acid pays for the power five times over.^ 

Under these circumstances we see that the technical solution 
of the problem depends on how simply and completely we can 
convert the oxides of nitrogen into nitric acid. This part of 
the procedure is materially assisted by keeping the percentage 
content of oxides of nitrogen as high as possible in the gases 
from the arc. It follows from this that a further perfection 
of the electrical part of the process should keep this in view, 
and hence strive both for an increase in the temperature of the 
arc, and an increased rapidity of cooling, avoiding also any 
subsequent dilution of the gas. 

Nernst's calculations of the equilibria in Bunsen's explosion 
experiments are not wholly unique. Calculations by Hoitsema 
dealing with the water-gas equilibrium have been mentioned 
before, and there exists, too, Le Chatelier's ^ treatment of the 
Deacon process on the basis of Hautefeuille's and Margottet's ^ 
experiments on the partition of hydrogen between chlorine and 
oxygen when the three gases are exploded together. The 
idea itself, of determining the relative concentration in the 
equilibrium at the temperature of the explosion by measuring 
the distribution in the product, was enunciated by Horstmann 
at a very early date. 

Nevertheless, the earlier calculations were made either in 
cases where the specific heats were too uncertain, or where the 
rates of reaction and of cooling were not considered; but, instead, 
it was assumed that equilibrium was always attained, and that 
it was not displaced during the cooling. 

If we would gain an insight into equilibrium conditions at 

* It seems, however, that the result of 900 kgs. per kilowatt year is not 
the regular one. The guarantee given by Birkeland and Eyde does not exceed, 
up to date, a yield of 550 kgs. per kilowatt year working on a commercial 
scale. 

2 CompU Bend,, 109, 664. 

3 Ibid.y 109, 641 
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high temperatures, it is evidently of prime importance to be 
able to measure those high temperatures with certainty. We 
saw, to be sure, in the Fifth Lecture, that theoretically it is 
possible to deduce both the temperature and the location of the 
equilibrium simultaneously from measurements of the explosion 
pressures. But we also learned there what uncertainties beset 
this method of Le Chatelier and Mallard. It therefore becomes 
of especial interest to know how temperatures above the range 
of our ordinary instruments can be optically measured.^ 

As early as the sixties Ed. Becquerel ^ used the radiation Older 
from incandescent solids as an index of their temperature. X^ nJe^nre 
Le Chatelier first made the method practically available. From tempera- 
this it was but a short step to measure ^ photometrically the <^y^^ ^' 
intensity of the light radiated from a body at relatively low 
and independently known temperatures, and having then found 
an empirical formula expressing the total brightness per unit 
area as a function of the temperature, to extrapolate from it 
into regions of high and unknown temperatures. But these 
optical methods have only found general acceptance within the 
last few years, when the study of radiation phenomena has given 
us a clearer conception of the fundamental laws of radiation. 

The laws of radiation have been investigated bolometrically ; Bolome- 
that is, an apparatus has been employed which absorbs incident *"<5 m- 
rays of all lengths which contribute towards raising the tem- tion of the 
perature. The rise in temperature produced can be followed ^* J? ®^ ^ 
very accurately by measuring the change in resistance of the 
substance absorbing the radiation, provided this substance is a 
metallic conductor. A compact system of fine platinized platinum 
strips is most suitable for this purpose. The bolometer is an 
invaluable appliance for measuring radiation, because it is 
sensitive both for the longest wave-lengths of heat and the 
shortest wave-lengths of light. Its use, however, requires such 
care and perseverance as to almost entirely preclude its use as 
an accessory method for measuring temperature. The result of 
bolometric investigations have not, therefore, suflSoed to establish 
a practical bolometric system of temperature measurement. 

1 W. C. Heraus has recently constructed a thermoelement which can be 
used up to 2000°. The appliance, however, has not yet been fiilly perfected. 

2 Ed. Becquerel, Ann, Chim, Phys,, 86(1863), 49. 

3 Le Chatelier, CompL Rend., 114 (1892), 214. 
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Yet the real significance of the optical method depends very 

largely on the results of bolometric measurements. 

Basis of All the measurements of radiation are based on two principles 

^f^rldT^^ enunciated by Kirchhofif.^ The shortest statement of the first 

tion. of these is that every body sends out the same radiation which 

firsTiF^cH* it absorbs at that temperature. A body which is not in the least 

position, transparent, and which does not reflect at all, but absorbs all 

incident radiation at every temperature, is called absolutely 

black by Kirchhoff. Its radiation, for the sake of brevity, is 

called "black" or "dark" radiation. It is, at the same 

temperature, greater than that of every other body which is to 

a certain extent reflecting or absorbing, both in sum total and 

in the value of every single wave-length. Generally, we call 

the intensity of its radiation unity, on which basis the radiation 

of any other body is expressed by a fraction representing that 

part of the " black " radiation to which it is equivalent.^ 

In this case the radiative power E of any substance is equal 

to its absorptive power A. On the other hand, if we designate 

the emissive power of the absolute black body as S, then — 

E S Q 

Tempera. This statement holds with one important reservation. The 

diatlOTi radiation must be a pure temperature radiation. That is, it 

and lumi- must be caused solely by heat, and not by chemical or electrical 

nesoenoe. ^ff^g^^jg Radiation due to such chemical or electrical effects is 

called " luminescence." A luminescent body can emit far more 

radiation than the absolute black body at the same temperature. 

A gas in a Geissler tube glows because of the luminescence 

produced by the passage of electrical discharges through it. 

Phosphorus shines because of the luminescence produced by 

the process of oxidation. At higher temperatures we have the 

* For the older literature, see Wiillner, " Lehrbach der Experimental- 
physik," 6th ed., vol. iv., Strahlung, 3rd chapter (Leipzig, 1899). Lummer, 
in his ''Ziele der Leachttechnik ** (Manich, 1903), gives a review of the newer 
literature^ especially of his own work. For the theoretical side of the question , 
see Drude^s excellent "Lehrbuch der Optik " (Leipzig, 1900). 

^ The radiation of the absolute black body varies as the square of the 
index of refraction of the surrounding medium. The refractive indices of gases, 
however, are so nearly equal to that of air that this variability can be com- 
pletely neglected. 
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phenomenon of luminescence in the green inner cone of a 
Bunsen flame burning with an abundant air-supply, and more 
generally in every explosion of gases. (See Appendix, No. VII.) 
Every gas flame from which solid particles (of carbon) or the 
vapours of salt are absent shines chiefly, if not exclusively, 
because of luminescence. On the other hand, solid bodies 
exhibit this phenomena at high temperatures with comparative 
rarity. 

Bodies which are not absolutely black either transmit radia- goiid 
tion or reflect it. If the coefficient of reflection ^ and of trans- ^><>d*®P« 
parency ^ for a certain temperature is given, then the coeflBcient 
of absorption ^ and at the same time the coefficient of emission 
are known (taking the coefficient of emission of the absolute 
black body as unity). We see immediately that the trans- 
parency of many solid substances is zero. No heat or light 
rays can pass through a piece of carbon, of platinum, or any 
similar material of any appreciable thickness at any tempera- 
ture. The difference between their radiation and that of the 
absolute black body is based, then, solely on their dififerent 
powers of reflection. 

Flames in which solid particles, or the vapours of a saltFlamea. 
are glowing, leaving luminescence out of account, present in 
general quite a different case. An ordinary flame of illuminat- 
ing gas in which solid particles of carbon are glowing, is still 
highly transparent to radiation, as evidenced by our ability 
to see through it. The more glowing particles it contains, the 
more opaque it becomes. It must be considered quite opaque 
when a mirror or a second similar flame placed behind it no 
longer increases its luminosity. On the other hand, the re- 
flecting power of such flames is almost always very small. 
We can convince ourselves of this by directing a beam of 
sunlight or light from an electric arc transversely thi'ough the 
flame, and again observing the previously measured radiation. 
If this has been perceptibly increased, it is evident that the 
flame has reflected a part of the inaident radiation. If it does 
not increase, then the flame can have no perceptible reflecting 
power. 

^ That is, the fraction of the radiation which is reflected. 

^ That is, the fraction of the radiation which is allowed to pass through. 

3 That is, the fraction of the radiation which is ahsorhed. 
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The sum of the coefl&cient of reflection E, the coeflScient of 
absorption A, and the coefficient of transparency D are always 
1. That is— 

A+E+D= 1 

If the body is opaque, then D = 0, and — 

A= 1 - E 

Grey and If the coefficient of reflection of the opaque body is not 
radiatfon. ^9.^*1 to zero (as in the case of the absolutely black body), but 
is the same for all wave-lengths and temperatures, then its 
coefficient^ of absorption, and consequently its coefficient of 
emission, bears a fixed ratio to that of the absolutely black 
body. Such a body is called, from a bolometric standpoint, 
grey. If the coefficient of reflection of a body, either for 
diflferent wave-lengths at the same temperatures or in its sum 
total, changes with changing temperatures, then the body 
differs more or less in its radiation from the absolutely black 
body, depending on the temperature. It is then a selective 
radiator, and is frequently called " coloured " in a bolometric 
sense. The designations " grey " and " coloured " must not be 
thought to refer to the appearance of these bodies to the eye. 
A body can have all the colours imaginable at ordinary 
temperatures, and yet approximate extraordinarily close to the 
behaviour of the absolute black body at higher temperatures. 
Conversely, it can be highly coloured in a bolometric sense, and 
yet at ordinary temperatures appear wholly white to the eye. 
The reason for this lies partly in the fact that the colours 
which a body shows at ordinary temperatures have nothing 
directly to do with its colour when incandescent. But another 
circumstance is of at least equal importance. 
The fimaU Our sense of colour depends wholly upon the phenomena of 
OTftioallv absorption within the narrow range of wave-lengths between 
active 4 and 0*8/x (ju = 0*001 mm.) visible to our eyes, while the 
lenffThB spectrum of radiation measurable by the bolometer extends 

^ Here we tacitly assume that the incident radiation always strikes the 
body in question at the same angle, most simply at a right angle. The 
coefficient of absorption, and therefore also the coefficient of radiation, is 
independent of the angle of incidence only in the case of the absolutely black 
body. 
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from the very shortest waves up to 19/i — often, indeed, further. 
And it is precisely the non-visible radiation which is of 
paramount importance from a bolometric point of view, 
because at all temperatures attainable in practice, its energy 
of radiation is tremendously greater than that of the visible 
radiation. 

The second principle enunciated by Kirchhoflf upon which Kirch- 
the theory of rjuiiation is based concerns the actual realization second 
of an absolutely black body. Kirchhoflf pointed out that black principle, 
radiation must exist in every completely enclosed cavity 
whose walls were opaque and at the same temperature. Every 
bundle of rays in such a cavity would be identical both in 
quality and in intensity with the radiation from an absolutely 
black body at the same temperature.^ 

Starting from this principle, it was but a short step to The reali- 
actual realization of the absolutely black body. Yet this step the abso- 
was not made till some forty years afterwards by Wien and ^^^\ 
Lummer.2 body. 

If, indeed, every bundle of rays in a closed isothermal cavity 
surrounded by opaque walls exactly corresponds to radiation 
from an absolutely black body, then the rays which issue from 
a small opening out of such a cavity would not diflfer by a 
measurable amount from black radiation. If we would be 
very cautious, we may line the inside of the cavity with a layer 
of non-reflecting material. Lummer and Pringsheim ^ chose a 
mixture of chromium, nickel, and cobalt oxide for this purpose. 
Their later experiments showed that such niceties were not 
necessary. "Black radiation" is emitted from every cavity 
where the opening is not altogether too large. 

Lummer and Pringsheim used a porcelain tube closed at Experi- 
one end as a cavity. It was open in front and encased in sheet Lummer 
platinum, which was kept heated to incandescence by an and 
electric current. The temperature inside this tube was measui*ed heinL* 
by means of a thermoelement (platinum — platinum-rhodium, 
after Le Chatelier). By this means the relation between the 
black radiation and the temperature could be followed up to 

^ For the proof of this see Pringsheim, FerAawrfZ. d, Deutachen physik, 
GesellMhaft, 3 (1901), 83. 

2 Wien and Lummer, Wied. Ann., 56 (1895), 451. 

3 Verhandl. d, Deutachen physih. Gtaellachaft, Bd. 1 (1899), 23 and 215. 
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1500°. The observations confirmed in a most striking fashion 
a law which Stefan had originally obtained empirically, but 
which Boltzmann had later deduced^ from theoretical con- 
siderations with the necessary limitation to radiation from an 
absolutely black body. 

This law says that the sum total of the radiation emitted 
by an absolutely black body at the absolute temperature T 
is proportional to the fourth power of the absolute tempera- 
ture.^ 

If we call E the intensity of radiation, then ErfX repre- 
sents the radiant energy for an infinitely narrow strip of the 
spectrum. (The letter X here represents the wave-length.) The 

I Wied, Ann, der Physik, 22 (1884), 31 and 291. 
^ The law can be viewed as a simple consequence of the relation (p. 22) 
which stated that — 

TT - A - T — 

Radiation, being a progressive wave-motion, exerts a pressure upon the 
structure it strikes (like every progressive wave on a water surface). Now, 
the pressure which gas molecules exert on the plain walls of a containing 
vessel because of their impacts from all directions can be mathematically 
replaced, as Joule first showed (0. E. Meyer, Kin, Theorie der Oase (Breslau, 
1899), § 10), by just one-third the number of exactly perpendicular 
impacts. In the same way we may imagine the pressure exerted by the 
diffuse radiation against an absolutely black surface as having been caused by 
a precisely normal radiation of one-third the intensity. But it is the peculiarity 
of the absolutely black body that it absor : s all the rays which strike it It 
therefore follows that one-third of all the radiation which the walls absorb 
appears as pressure, and would be capable of doing work were the absolutely 
black body connected to some suitable machine. Equilibrium, with a maxi- 
mum production of work, would therefore only be obtained on the surface of 
an absolutely black body at a constant temperature and with radiation £ 
incident from all directions, when one-third of the radiant energy E absorbed 
is given off as mechanical work. Then the quantity of the total energy U 
given off is equal to - E, and the work done A is equal to JE, and it 
follows that — 

-^ = *^-35T 
or 

4E = t'^- 
^ dT 

Integration gives us the Stefan-Boltzmann law. 
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total radiation of the absolutely black body is thertfore, according 
to Stefan-Boltzmann — 

'X = oc 

X = 

where s is a constant to be experimentally determined. 
Measurements by Lummer and Pringsheim at known tempera- 
tures up to 1500° agreed excellently with this formula. 
Knowing s from these 
measurements, it was then ^^ 
possible to reverse the 
procedure and to calculate 
temperatures up to 2000° 
from observations of the 
radiation of an absolutely 
black body by means of 
the bolometer. The abso- 
lutely black body con- 
sisted of a carbon tube 
with thickened ends, to 
which the current leads 
were attached. 

The relation between 
radiant energy, wave- 
length, and temperature, 
at various temperatures 
of the absolutely black 
body, is represented in 
Fig. 16. The wave-lengths 
in )u's (thousandths of a 
millimetre) are plotted 
horizontally, and inten- 
sities of radiation, measured in arbitrary units, are plotted 
vertically. It is remarkable how small the visible fraction 
(between 0*4 and 0*8 [i) of total radiation is, even at the 
highest temperature (absolute) given in the diagram. 

The single observations seen upon the highest of the radi- 
ation curves in Fig. 16 were obtained by measuring the radiation 
with the bolometer after the radiation had been resolved into 
a spectrum. The resolution is best brought about by using a 
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prism of sylvin, which is transparent for very long waves (19/x) 
(fluor-spar is only transparent up to 12/i). 
MMimom The measurement of the radiant energy of the single wave- 
and the lengths possesses significance independently of its importance 
displace- Jq determining the curve for total brightness. Indeed, it is 
of Wien. possible in this way to find for every temperature a wave-length 
at which the radiant energy has a maximum. This wave- 
length is connected with the temperature by two relationships 
discovered by Wien, usually spoken of as the " Verschiebungs 
Satz," or "displacement laws of Wien/' According to one 
of them, for the case of the absolutely black body — 

X« . T = const/ 

and according to the other — 

E« = const/' T« 

That is, the radiation intensity E» for that wave-length X„ of 
greatest intensity, in the case of an absolutely black body, is 
directly proportional to the fifth power of the temperature, 
while this particular wave-length is also given by the quotient 

^ ' . Lummer and Pringsheim found the value of const/ to 

be 2940. This number is a very valuable one for many reasons. 
For instance, using it, we find that the maximum of radiant 
energy does not fall within the region of wave-length visible to 
the eye, that is, between 0*8 and 0*4/x, until a temperature 
between 3700° and 7400° is reached. 
Bright These relationships, true for absolutely black bodies, have 

platinum received valuable extension through a study of the behaviour of 

as a ^j V 

minimum bright platinum. Such a surface has very strong reflecting 
radiator, qualities, and is consequently far removed, optically, from the 
black body. Without this investigation the laws of black 
radiation would be merely limiting laws, from which an ordinary 
solid substance freely glowing might diverge very widely. The 
investigation of bright platinum, on the other hand, afforded 
a knowledge of the behaviour of an opaque solid substance 
which, because of its high reflecting power, possessed the 
character of a minimum radiator. It is here assumed that 
luminescence does not set in, and that the reflecting power of 
carbon, ferric oxide, etc., does not surpass that of bright platinum 
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at high temperatures, which is certainly reasonable. The 

interesting fact is, that the radiation of bright platinum 

still approximates very closely to that of the absolutely black 

body. The form of their radiant energy curves is quite the 

same. Only the total energy of radiation does not vary as the 

fourth, but rather as the fifth power of the absolute temperature. 

The displacement of the maximum of radiation satisfies the 

formula — 

X«T = 2630 

which differs from the formula applying to the absolute black 
body only in having a somewhat smaller constant. The fact 
that so slight a change is produced by a substitution of bright 
platinum for the absolutely black body is of great importance 
in determining temperatures from radiation phenomena. It 
alone makes it possible for us to apply without great error 
methods which in principle are only permissible with absolutely 
black bodies, to solid, opaque substances of perceptible reflecting 
power, such as the carbon filaments of an incandescent lamp, 
or any other glowing conductor.^ 

Limiting our discussion for the moment to black radiation. Optical 
we see that the laws of radiation furnish a basis from which we men^t^of 
may measure the temperature of the black body optically, when tempera- 
we know either the change of intensity of radiation of a single basts^^ 
wave-length in the visible region, or the change of the total **>© laws 
visible radiation with the temperature. The photometer could uon. ^** 
then be conveniently used in place of the bolometer as a 
measuring instrument, and the light radiated by one square 
millimetre of the black body's surface (the so-called " surface 
brilliancy,") would either tell us directly, or after preliminary 
resolution into a spectrum and selection of one particular wave- 
length, the temperature of the black body. 

Wien has developed an expression for the intensity of any TheWien- 
given wave-length, which Planck ^ has improved by the results F^*^^^ 
of experimentation. This formula is — 

1 Consult in this regard the discussion at the NaturforscheryersammluDg 
ftt Hamburg. PAywA;. ZHtachr., 3 (1901-1902), 97. 

2 Verhand. der Deutschen physik. Gesdlschaft, 2 (1900), 202. 
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where a and h are two empirical oonstauts. It can readily be 
transformed into — 




The fraction enclosed in brackets would always be very nearly 
equal to unity for short wave-lengths and any temperature 
practically attainable. Actual experiment shows that this is 
true, and it can therefore be omitted. Taking logarithms, we 


get— 


/tiE = Ina — ^ln\ — 


XT 


If we measure the intensity of radiation from the same body at 
two different temperatures, T and T", and for the same wave- 
length, we should find that — 


^ E" "■ \ \T " TV 


The constant h can be calculated from the investigations of 
Lummer and Pringsheim on the radiation of the black body, 
using the Wien-Planck formula. It lies in the neighbourhood 
of 14,600. 

A convenient and valuable optical thermometer devised by 
Wanner,^ depends in its action upon the above principles. With 
this instrument we simultaneously observe the surface brilliancy 
of a black body and that of a ground-glass plate illuminated by 
an incandescent light. Each half of the field of view corresponds 
to one of these two sources of radiation. Within the instrument 
is a direct-vision spectroscope which resolves the incident light 
into a spectrum. Diaphragms of proper dimensions then cut 
out all the light except that of wave-lengths near to 0*6563/i. 
A pair of Nicol prisms are inserted in the path of the rays 
coming from the ground glass. By turning one of these (the 
analyzer) about its axis, the brilliancy of the corresponding half 
of the field of view may be varied at will. By reading off the 
angle through which we turn the Nicol, we can obtain a quanti- 
tative measure of this change in brilliancy. If we adjust the 

1 PAywA;. Zettec^r., 3 (1901), 112. 
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brilliancy of the incandescent field so as to equal that of an 
absolutely black body, in one case at the temperature T', and in 
another at the temperature T", then the ratio of the two angles 
as read will represent that of the intensities of radiation of the 
absolutely black body at these two temperatures. (This, of 
course, applies only to the wave-lengths 0*6563/i and the same 
radiating surface.) If we know the temperature of the black 
body in one case, then, by the help of the above formula, we can 
calculate the temperature in the other case. In order to be 
independent of any decrease in the brilliancy of the incandescent 
light after long use, such a temperature T' of the black body is 
chosen that its intensity is exactly equal to that of a ** Hefner *' 
lamp for the wave-length X = 0*6563. The von Hefner amyl 
acetate lamp is in general technical use as a unit of light 
intensity. It is easily reproduced, and corresponds to a definite 
temperature of the absolutely black body. What this particular 
temperature may be is determined once for all by a simple blank 
measurement with each instrument.^ 

This instrument permits us to measure temperatures from 
900° up to 2000°. We cannot go higher, because the incan- 
descent filament then disintegrates, and the glass bulb becomes 
darkened. But there is no reason why some other source of 
light should not be used in its place. 

The interior of technical blast furnaces and glowing tubes Applica- 
sends out nearly pure black radiation, so that the Wanner !j^^®^^|.*'° 
pyrometer may be unhesitatingly used in both these cases, optical 
But the temperature even of solid, coherent surfaces glowing in Py"*°^®*^' 
the open may be measured by its means without perceptible 
error, provided they are intermediate in their behaviour between 
bright platinum and the absolutely black body. Lummer and 
Pringsheim have compared bright platinum and the absolutely 
black body at 1100° abs. and 1800° abs., using another pyrometer 
based on the same principles, and found a deviation of but 40° 
at the lower temperature, and 100° at the higher. With poorer 
reflectors than platinum, with carbon filaments, for instance, 
the error would be much smaller. A special advantage of the 
instrument consists in the fact that the comparison of the two 
halves of the field of view need not be a very accurate one. 

* See for the use of this instrument, Nernst and v. Wartenberg, VerhandL 
der physik. Oeselhcha/t, 8 (1906), 48. 
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The intensity of radiation increases so extremely fast that an 
error of 10 per cent, in the adjustment at the temperature of 
molten platinum causes only an error of 10° in the temperature 
read. 
Measure^ Finally, instead of measuring the intensity of any particular 
to?a/ wave-length, we may measure the intensity of the total visible 
bright- radiation, using an ordinary photometer. The expression given 
^^^^' by Wanner applies to every particular wave-length in the visible 
spectrum. The simplest extension of this expression, and, so far 
as I know, one which has never before been pointed out, would 
be to consider the total visible spectrum which is included 
between 0*4 and 0*8/* as simply an ill-defined band of a mean 
wave-length, e,g. 0'6/x ; and, compared with the whole spectrum 
of wave-lengths which affect the bolometer, that is all it really 
is. We should then obttdn for the photometrically measurable 
surface brilliancy H' and H" of the black body at the tempera- 
ture T' and T", without resolution into a spectrum, the relation — 

H" ^' 0*6 \T" "" T/ — const. I «vr — m; ) 

If, with Wanner, we call 6 equal to 14,500, which is somewhat 

uncertain, -rr^ equals 24,170. If ^we denote by Tjr=i that 

temperature at which the surface brightness of the black body 
equals that of one light-unit (one Hefner candlepower), then 
this expression becomes — 

lnS.\ = const. (^ ^j 

or, if we divide the constant by Th = i and call the quotient a, 

Total Rasch^ obtained this expression in another and certainly 

^"a tJ°*^ less simple manner, and tested it by experimental data which 

peraturo. Lummer and Pringsheim on the one hand, and Nernst ^ on the 

other, had obtained from photometric measurements of total 

brightness. Rasch puts a equal to 12*943 and Th = j equal to 

1 Drude's Ann,, 14 (1904). 

* Fhy^ik. Zeits6hr., 4 (1903), 733. 
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2068-4° abs., that is, 1795° C. On this basis we obtain the 
surface brilliancies labelled "calculated " in the following table : — 



Degrees C. 

SuriiMe brillUnry in H.G. per sq. mm. 


Observed. 

CalcaUted. 

1 

2 
3 
4 
5 
6 

1175 
1325 
1435 
1690 
1690 
1780 

0-0042 
0-0220 
00635 
0-50 
(0-47) 
0-91 

0-0039 

0-0222 

0-0653 

0-500 

0-500 

0-909 


Nernst apparently got number 5 by extrapolation. The 
temperature of 1780° represents, acccording to Holborn and 
Wien, the melting-point of platinum. If we calculate from 
this and a the value of the radiation constant &, using the 
relation — 

a . A . T(H = i) = & 
and putting X = 06, we get — 

h = 16,062 
while we should have expected (p. 83) — 

h = 14,500 

or, according to Lummer and Pringsheim, 14,600. The differ- 
ence is not large, and may be ascribed to physiological causes. 
The eye is not equally sensitive to light of various colours, and 
though we consider the boundaries of the visible spectrum to 
be 0*4 and OSjul, we may better put the mean visual wave- 
length, not equal to 0*6/x, but somewhat shorter, perhaps 0'55)u. 

We may further test this relationship by means of Lummer Experi- 
and Kurlbaum's ^ data regarding the total radiation of bright Lummer 
platinum. They have expressed their results in the following and 
equation : — 

H" "" viv 

^ Verhandh d, Deutschen physik, Oesellscha/t, 2 (1900), 91. 

U 
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where x varies with the temperature. Taking logarithms, 
then — 

We note that T* and T" must be very nearly equal, if we 

would have x replaceable by a fixed value in this expression, 

and if we represent the difference between T' and T" by AT, it 

follows that — 

r , r + AT , A , AT\ 
Inr^, = In-r—f^, — = ln\\ + -^^ 

But, according to the rules governing calculation with small 
quantities — 

AT r - r' 


^»(^1 + ji?7 j = ^ = 


Thus the Lummer-Kurlbaum formula becomes — 


W T" 

This expression is identical with the above when we put 

constant « ^i , ^ . 

X = — j=j — , for we then obtain — 

H" T'-T" /I 1\ 

In-y^ = const. Yf y^r^ = const. ^^ - ^^j 

Lummer and Kurlbaum have prepared a table giving the 
values of x for various temperatures of bright platinum, and 
I reproduce it below. The products icT are added. They 
should represent the constant in the expression obtained above, 
and ought not to vary if this expression has been correctly 
deduced. 

Absol. temp. T . 900 1000 1100 1200 1400 1600 1900 
Exponent aj . . 30 25 21 19 18 15 14 

Product jbT . 27,000 25,000 23,100 22,800 25,200 24,000 26,600 

We see that the products a?T are, indeed, nearly constant. 
The different values vary around 24,920, as Easch has pointed 
out. On the basis of the mean wave-length 0*55^, we then 
obtain 13,706 as the value of J. The ratio of this value of the 
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constant h for bright platinum to the value 14,500 for the black 
body, corresponds quite closely to the diflference between these 
two extreme cases as found by Lummer and Pringsheim, 
namely — 

A«T = 2940 (black body) 

X»»T = 2630 (bright platinum) 

The calculation of absolute temperature of solid incan- Example 
descent bodies by means of the formula — the^ppU- 

oA/?o A cation of 

/»H' = 12-943(1 -2^) IJ-K 

tempera- 

therefore, appears justifiable up to very high temperatures, measure- 
particularly if the radiation issues from a tube or cavity. ™®°*- 
Nernst found the total radiation from 1 sq. mm. surface in a 
cavity at the temperature of melting iridium to equal 12*1 + 0*6 
Hefner candle-power, assuming that aj in the Lummer- Kurl- 
baum formula remained constant and equal to 14 at a bright, 
white heat, or in any case equal to 13 above the temperature 
of melting platinum. From this he calculated tbe melting- 
point of iridium to be 2203° and 2338° respectively. On the 
other hand, Kasch, using the formula first explained, calculated 
from Nernst's observations that this temperature was 2285°, 
or, taking a slightly greater value for a (1302), 2287°. Heraeus' 
value of 2400° for the melting-point of iridium is certainly too 
high. 

If, then, it is possible for us to measure the temperature of AppUca- 
solid bodies, and particularly the temperatures of the interiors J^^ ^^ 
of tubes, with considerable accuracy, we naturally ask what method 
advantage we may derive from this for the study of equilibria at m^lure- 
elevated temperatures. We are greatly hampered here by the ment of 
fact that our supply of substances impermeable to gases above LuUibria. 
1500° is very scanty. Carbon vessels cannot be made gas- 
tight, and metallic vessels, among which those of iridium are 
the most important, can only be used with certain limita- 
tions, for at an intense white heat this substance preserves 
neither the refractory chemical properties nor the impermea^ 
bility to gases which characterize it so markedly at ordinary 
temperatures. 

Flames, on the other hand, are available without restriction, 


292 


THERMO D YNA MICS 


Measuie- 
rnentfl on 
luminoos 
flames. 


and for this reason measurements of their temperatures by 
optical means is of especial interest to us. 

It is true that our experimental data in this field are still 
somewhat incomplete. Kurlbaum ^ first described a method for 
determining the temperature of carbon flames (candle, illumi- 
nating gas, and acetylene flames of the ordinary sort), and this 
method is very simple and direct. He used the spectro-photo- 
meter previously constructed by Holbom and himself, the 
principle of which simply was to simultaneously observe through 
a red glass an incandescent lamp filament and the image of a 
radiating surface thrown into the plane of the incandescent 
filament by a lens. If the red radiation of the incandescent 
lamp and of the surface were equally strong, then the filament 
appeared neither bright nor dark against the shining surface. 
Kurlbaum then substituted an absolutely black body for the 
radiating surface, and compared the brilliancy of the incan- 
descent filament with it at various temperatures. When the 
filament was no longer visible, he inserted a candle-flame 
between the opening of the absolutely black body and the 
instrument. If the radiation of the flame was less intense 
(in the region of red rays) than that of the absolutely black 
body, the candle-flame cast a shadow, the field of view was 
darkened, and the carbon filament appeared. But if the radia- 
tion from the candle-fiame was more intense, then the field of 
view became brighter and the filament appeared dark against it. 
The temperature of the absolutely black body at which the 
insertion of the candle-flame produced no change then represented 
the temperature of the flame, assuming that the flame possessed 
no reflecting power, and that its coefiBcient of absorption equalled 
that of the black body, that is, equalled one. 

The conditions under which this photometric method of 
temperature measurement in any region of wave-lengths is 
justifiable may be easily defined with more precision if we recall 
the two formulae (see pp. 278 and 280) — 


A+E+D= 1 . 
and E : A = Sa : 1 or E = ASa 


{a) 


Here E represents the radiation coefficient of the flame in the 


1 Physih Zeit8chr,y 3 (1901-1902), 187, 332, 
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region of wave-lengths under consideration ; A the absorption co- 
efficient of the flame for the same wave-lengths ; S2 the radiation 
coefficient, and 1 the absorption coefficient of the absolutely 
black body at the same temperature and' also for the same 
wave-lengths. If, then, we assume that at any one temperature 
of the absolutely black body insertion of the flame into the 
path of the rays produces no change in the field of view, 
then — 

E -I- DSi = Si (0 

Here E has the same significance as before. D is the coefficient 
of transparency of the flame for the wave-lengths used in the 
red, and Si the radiation coefficient of the absolutely black body 
for the same wave-length and at the temperature at which 
insertion of the candle-flame produces no change in the field. 
This formula is derived from the simple consideration that 
when the candle is inserted, the radiation coefficient E of the 
flame plus the transmitted radiation DSi are active, while when 
the candle is removed only the unimpeded radiation Si of the 
absolutely black body produces any effect. From this equation 
and Q)) it follows that — 

ASa + DSi = Si 

and with the help of (a) that — 

When, therefore, we assume that, the radiation Si of the 
absolutely black body at the actual temperature prevailing 
when we adjusted to precise equality, is equal to S2, the 
radiation which the black body would send out at the tempera- 
ture of the flame, we commit a mistake the magnitude of which 
depends solely on the ratio of the reflecting to the absorbing 
power of the flame — 

R 
A 

and which may therefore be practically zero if this ratio is very 
small. Indeed, the method would still give correct results even 
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if the absorptive power were considerably less than that of the 

absolutely black body, provided only that its reflecting power 

were also sufficiently small. 

Uncer- Kurlbaum's observations carried out as above described, 

tem^^^ gave 1431° for the temperature of the candle-flame. Lummer 

rature and Pringsheim ^ have criticized this result on the ground that 

measare- t> 

ments of \\^^ x^\hQ -r was by no means equal to zero. They found D 

Itimmous A 

"™^' equal to 08, and surmised that E must lie between 0*05 and 01. 

~r must then be certainly far from zero (case of the absolute 

black body), and the temperature of the candle-flame would be 
higher than 1431°. In answer to this Kurlbaum (Zoc. cii,) pub- 
lished measurements of E, showing it to be approximately equal 

p 

to 001. The quotient -r would then be so small as to be 

negligible, and 1431° would appear, after all, to be the correct 
temperature. But now Stewart ^ investigates the measure- 
ments of Lummer and Pringsheim, and finds that if Kurl- 
baum's determination of E is correct, we must take D equal 

E 
to 096. -T would then again seem to have an appreciable 

magnitude, and the value 1431° would be too low. Spectro- 
bolometric measurements have yielded results even more 
variable than these, as can be seen by comparing the results of 
Lummer and Pringsheim and of Stewart. 

The reflecting power of flames, as has already been pointed 
out, is always small. Any error in Kurlbaum's method must 
then be due to the transparency of the flames, and must in- 
crease with it. The denser and more opaque the flames become, 
from the suspended particles of carbon, so much more correct 

will be the results of this method, because the values of — 

A 

become just so much smaller. On the other hand, for any 

T) 

given value of -r the measurements become relatively more 

accurate the higher the temperature. Even if we made a 
mistake of 100 per cent, in measuring the surface brilliancy 

> Fhyhik, ZeiischT., 3 (1901-11)02), 233. 
2 lUd,, 4 (1902), 1. 
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p 

because we neglected -ry this would only involve an error of 

120° degrees in our temperature measurements at 1430°. 

It is possible to apply this optical method to non-Measnre- 
luminous flames when we artificially colour them. Fery ^ used ^®q'^. 
the vapours of salts, preferably sodium chloride, for this luminous 
purpose. He assumes that the sodium line shines from pure ^™^®- 
temperature radiation; that all the luminescent radiation of 
the flame is zero ^ for this wave-length ; and, finally, that the 
transparency of the coloured flame is small for this wave- 

length, and consequently the quotient -r is nearly equal to 

zero. He was able to confirm experimentally that the reflect- 
ing power is very small, as would be expected. If all these 
assumptions are true, then the optical measurement of the 
temperatures of non-luminous flames by means of the spectro- 
photometer can be easily carried out, by simply colouring them 
with the vapour of sodium chloride. In making these measure- 
ments Fery observed the spectrum of an incandescent lamp, 
which he assumed to radiate as a black body, and inserted the 
flame, coloured with salt vapours, into the path of the rays 
from it. So long as the brilliancy of the lamp was below 
a certain point the sodium line appeared bright. As the 
brilliancy of the lamp was increased, a point was reached at 
which the bright line changed to a dark one. This reversal 
of the lines in the spectrum is a well-known phenomenon. 
Kirchhoff recognized, even before he had deduced his Law 
of Eadiation, that the bright lines which coloured flames 
show when viewed by themselves, are supplanted by dark 
lines of identical wave-lengths when more intense light of the 
same wave-lengths falls upon them. Kirchhoffs explanation 
of the Frauenhofer lines was based on this very experiment. 
The only new feature here is the quantitative relation between 
the temperature of the flame and that of the other source of 

1 Cowip. R&nd,, 137 (1903), 909. 

^ This assumption exactly contradicts Pringsheim's opinion that the 
vapours of metals in the flames shine only through luminescence. In this 
connection, see the treatment of the subject in the ^^ Rapports pr^ent^ au 
Congr^ international de Physique, Paris, 1900," vol. 2, p. 100, where a 
bibliography is gi\ en ; and Kayser, " Handb. der Spektroskopie," vol. 2. 


296 


THERMOD YNA MICS 


The 
thermo- 
eleotric 
measure- 
ment of 
flames. 


light. It has only been possible to determine what this 
quantitative relation is, although by no means accurately, now 
that investigations have been carried out which show us how 
the radiation from incandescent solids depends upon their tem- 
perature. Fer/s and Kurlbaum's methods are really identical, 
for the latter method too depends essentially on a reversal 
of the lines in the spectrum. The substitution, of an incan- 
descent lamp for the absolutely dark body lessens the accuracy. 
If the radiation of the incandescent lamp is determined as a 
function of the temperature, using the black body, then Fery's 
procedure in this regard is naturally justifiable. Fery's results 
for the Bunsen flame are very good. He found— 


Full dranght. 

i87r 


HalfdraughU 

1812° 


Without draught. 

1710° 


The values he found for certain other flames seem less accurate. 
The thermo-electric measurement of the temperatures of 
flames is certainly to be preferred in the present state of the 
question, whenever the method is applicable.^ But this 
method requires certain definite and important experimental 
precautions, if we would not obtain most erroneous results. 
BaikoflTs experiments upon the temperature of the Bunsen 
flame illustrate the error possible in such a case.^ He measured 

' In regard to the measurement of high temperatures by other methods 
(air-thermometers, calorimeter, resistance thermometer, contraction pyro- 
meter , Seeger^s cones, etc.), see the excellent little book by Le Chatelier and 
Boudouard entitled " Temperatures ^lev^s " (Paris, 1900). I take from this 
source the following table of frequently used fixed points of thermometry : — 


Boiling-poiiit. 

Water 100° 

Naphthaline .... 218° 

Sulphur 445°* 

Zinc 930°t 


Melting-point. 

Silver 962° 

Gold 1065° 

Platinum 1780° 


Numerous valuable references to the literature will be found in the 
monograph, "Chemie der extremen Temperaturen," by Bredig (Leipzig, 
1901). 

2 Chemiker Zeitung, 28 (1904), 1107. 


♦ At 760 mm. pressure, 1 mm. change of pressure changes the b.p. 
0-095°. 

t At 760 mm. pressure, 1 mm. change of pressure changes the b.p. 
0-15°. 
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the temperature of the colourless flame from the tip of the 
inner cone upwards along the vertical axis, inserting the junc- 
tion of his thermoelement at these points: After that he fitted 
a cap of quartz over the junction of his thermoelement, and 
made a second series of observations. Thirdly, he made another 
series of observations with a cap of bright platinum over his 
quartz cap. In the first case he found temperatures between 
1350° and 1391°; in the second, temperatures between 1110° 
and 1133*^; and in the third, temperatures immediate between 
the two, though approximating the more closely to those with 
unprotected junction. The thermoelement therefore showed 
the lowest temperatures when surrounded by the quartz alone. 
Baikoff considers these temperatures to be the true tempera- 
tures of the flame, the higher temperatures registered being due 
to catalytic action of the platinum. He believes the very 
natural explanation of unequal radiation to be precluded by the 
fact that the phenomenon is not altered when the flame is 
surrounded by a " hot " chimney. But one sees immediately 
that the intensity of radiation increases so tremendously with 
the temperature that a chimney, even if heated to incipient red- 
ness, would have no effect on the radiation of substances at 
temperatures of 1500-1800°. Though perhaps superfluous, I 
have further convinced myself that it is only necessary to 
cover the quartz cap with finely divided platinum, instead of 
bright platinum, in order to change the rise of temperature 
into a fall.^ 

In order to accurately determine the temperature of a flame Conditions 
thermo-«electricaUy, it is of primary importance to know how f^^^^'^ 
much heat is lost through the radiation from the thermoelement accurate 
itself. Waggener,^ Nichols,^ as well as White and Traver,* *J^?^ 
have found that the temperature indicated by the junction is moaanre- 
almost exactly a linear function of the thickness of the Jhetempe- 
element. If, then, we measure the temperature of the same rature of 


flames. 


^ In BaikofiTs more extended publication in the Russian) experiments are 
mentioned with slitted platinum caps, which BaikoflT could not bring in con- 
formity with his theory of the catalytic elevation of the temperature (see 
** Ohem. Centralblatt " (1905), i. 1357) 

2 Wied, Ann , 58 (1896), 679. 

3 Journ. Franklin Inst, 150 (1900), 374. 
* Journ. Soc, Chem. Ind. (1902), 1012. 
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flame successively with elements of dimiuishiug thickness, we 
can extrapolate for the true temperature as measured by an 
element of zero thickness. If the thinnest element used in this 
process be not thicker than O'l mm., the extrapolation is not a 
very large one, amounting to between 30° and 100°, depending 
on the thickness of the wire and the temperature of the flame. 
If we base our observations simply on the readings of a thick 
thermoelement, the indicated temperatures will be some hun- 
dreds of degrees too low. Waggener found the temperature of 
the hottest part of the Bunsen flame to be a little above 1785°. 
Berkebusch ^ found it to be 1830°, using an entirely different, 
though, to be sure, not very accurate, method. This agrees 
with the fact first observed by Bunsen, and later confirmed by 
Waggener, Fery, and others, that a fine platinum wire can be 
brought to incipient melting in the hottest part of a Bunsen 
flame. The melting-point of platinum lies at 1780°. Fery, 
as mentioned above, found 1871°, a temperature lying in this 
same region. We obtain a similar value if we determine the 
heating power of illuminating gas with Junker's calorimeter, 
the amounts of carbon dioxide and of water produced from one 
volume of illuminating gas by complete combustion, and the 
amount of oxygen consumed in this combustion. From these 
data we can again calculate the heat evolved, and can then 
again calculate from the known specific heats the maximum 
temperature attainable. Numbers of the same magnitude are 
obtained as before. 

These facts show us that the linear extrapolation to zero 
thickness of thermoelement leads to correct values for the 
highest temperature of the Bunsen flame. It leads to still 
more certain results at low temperatures, for there the loss by 
radiation is much smaller, and the extrapolated temperature 
but sUghtly exceeds that indicated by the thinnest thermo- 
element. 
The effect The thermoelement should not be left too long in the 
of too long flame during a measurement. Waggener has shown that pro- 
the flame, longed heating in the flame produces certain heterogeneities 
in the platinum-rhodium wire, which give rise to incorrect 
readings. 
The effect If we are using thick thermoelements, we may measure the 

of internal 

resigtanoe. * W^ierf. -4wn., 67 (1899), 649. 
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electromotive force directly by means of a high-resistance 
voltmeter. Thin thermoelements have such a high resistance 
of their own, especially when heated, that with them we must 
always use the compensation method. 

The position of the two wires of the thermoelement in the The effect 
flames relative to each other is not without effect on the readings, ^gj^ion of 
It is not advisable to have the wires leading to the junction the wires, 
parallel to one another. Binding the wires so that the ends in 
the neighbourhood of the junction are in the same straight line 
usually suffices to give good results. 

It is important, in making the measurements, to heat the 
two wires of the thermoelement symmetrically — that is, 
keep each at equally hot places in the flame. Any one-sided 
heating of the wires near the junction introduces an error 
due to conduction of heat, and this is not eliminated by the 
extrapolation to zero thickness, but instead is rather accentuated 
thereby. 

I have, in collaboration with Eichardt, measured the tem- 
perature of the Bunsen flame thermo-electrically in order to 
determine the water-gas equilibrium existing there. Our 
results, which have been confirmed by AUner, were presented 
in the Fourth Lecture. 

Let us examine the Bunsen flame a little more carefully. The 
in order to better understand the method of measurement, a^^^ 
This flame presents quite a different appearance if the air- 
supply, which enters at the draught hole of the burner and 
mixes with the illuminating gas inside the tube of the burner, 
is altered by even a very few per cents. If we let the flame 
first burn luminously, and then by slowly opening the draught- 
hole increase the air-supply, the luminous part of the flame 
first vanishes, and an indistinct separation occurs into an inner 
and outer cone. As the air-supply is further increased, the 
inner cone becomes very much smaller and more sharply defined 
and brighter. Its colour is now a pronounced green, difieren- 
tiating it clearly from the violet of the outer flame. Gas-flames 
of this type are generally obtained in the laboratory by means 
of the so-called Teklu burner. The modem domestic gas stove 
always furnishes such a flame. Every Auer burner, after its 
mantle and mantle-holder have been removed, also gives a flame 
of this character. 
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If we produce a flame of this kind with a Teklu burner, we 
find that the inner cone bums with a loud noise and a fitful, 
rapid to-and-fro motion. To convert this into a quiet and 
perfectly steady flame we need only to lengthen the tube of the 
burner by a few decimetres. The unequal mixing and cross- 
currents in the short tube are evidently the cause of the 
unsteady burning. All the equilibrium measurements were 
therefore made with the flames from Teklu burners whose 
tubes had been lengthened about a half a metre by means of a 
glass tube of the same bore. 

We are accustomed to say that the illuminating gas bums 
in the flame. The expression is inexact, for nothing is burning 
in the flame. The flame is nothing but a mass of glowing gas 
surrounded on all sides by an extremely thin zone in which the 
combustion is taking place. 

This boundary is represented diagramatically in Fig. 17 : ah 
is the opening of the burner ; abc represents the " inner cone," 

adh the "outer cone." In the inner cone the 
mixture of air and illuminating gas bums to a 
mixture of nitrogen, carbon monoxide, carbon 
dioxide, water-vapour, and hydrogen.^ Since the 
four gases CO, Ha, COj, and H2O are connected 
by the water-gas reaction, we may say that the 
inner cone furnishes water-gas diluted with 
nitrogen. In the whole space between inner and 
outer cone oxygen can never be detected analyti- 
cally.* This is the basis for the statement that 
nothing can burn in the flame. In the outer 
cone adb everything that can bum to carbon 
dioxide and water- vapour does so. 
Fig. 17. The relative position of outer and inner 

cone is governed by a simple equation. The 
inner cone represents a stationary explosion. Its position 



^ In addition to these, methane is sometimes found in nmaU quantifies. 
(See Appendix, No. IX.) 

2 Such traces as correspond to the equilibria 2H2 + 02^2H20 and 

2CQ -t- Qj ^ 2C0y These traces must be extremely small, because the 
excess of H2 and CO present in the flame stands in the way of the dissociation, 
which even in pure H2O and CO2 only amounts to a very small value at the 
temperature of the flame. 
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conforms to the condition that the rate at which the ignition 
is propagated downward shall equal the rate at which the 
entering gas moves upward. Michelson ^ used this relationship 
to determine the rate of propagation of explosions. 

The position of the outer cone is governed by the condition The 
that the amount of oxygen furnished per second by the sur- "^^^ 
rounding air shall just suffice to bum the combustible con- outer cone, 
stituents coming from the interior completely to carbon dioxide 
and water-vapour in the same interval of time. 

The zone oic is but a fraction of a millimetre thick, and the The tem- 
gas passes through it in about the 0*001 part of a second. J^^^"'® 
The thickness of the zone adh is not very easily estimated inner oone. 
with the eye, but it is undoubtedly of the same order of 
magnitude. 

The temperature in the zone a/^ is approximately 1550^ 
under a strong draught. This part of the flame was formerly 
considered to be much hotter, judgingfrom its brightness. But 
the thermoelement gives no indication of this. Arguing from 
theoretical grounds, it has been claimed that the temperature of 
this zone should be higher than 1550°, because the gas must be 
heated by the combustion zone <ub before it reaches it, and should 
therefore attain a higher temperature when it burns itself. That 
is, it has been concluded that the gases reach a higher tempera- 
ture than they would did they depend simply on their own 
heat of combustion to raise them from the temperature of the 
room to that of the burning gases.^ This is a mistaken con- 
clusion. Every burning layer in oibc must give off during its 
burning just as much heat to following portions of the gas as it 
received itself from earlier burning portions. It therefore does 
not attain any higher temperature than it would if it burned 
without previous heating, and was simply heated by its own 
heat of radiation. We can calculate what this temperature 
would be knowing the composition of the gas leaving the zone 
acb, Bichardt and I have actually made this calculation, and 
find the same temperature of 1550° within the limits of experi- 
mental error of the thermoelement. The bright green colour 
of the inner cone is therefore only luminescence. 

1 Wied. Ann,, 37 (1893), 1. 

^ Mallard and Le Chatelier, Ann, des mines (8), 4 (1883), 344; Gony, 
Ann, Chim. Phys, (5), 18 (1879), 1 ; Michelson, loc, cit. 
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The heat losses from the combustion in the zone ach are 
small. Mache ^ has investigated theoretically how much heat is 
abstracted by the incoming current of unburnt gas. If e^ be 
the specific heat of the gas flowing into the combustion zone at 
constant pressure, Cj the velocity, and /oo the density of the 
gas mixture, both referred to 0° and 760 mm., and h the 
constant of heat conduction, then — 


Cp dx^ 


dx 


T here signifies the temperature at a distance x from the flame 
on the side of the inflowing gas. Integrating this formula and 
substituting values for the case of hydrogen burning in oxygen, 
Mache found that room temperature prevailed at a distance not 
more than a few hundredths of a millimetre from the outer 
boundary of the flame. No perceptible loss, therefore, takes 
place in this way. There is, of course, a certain loss due to 
radiation, but it is so small as to be negligible. 

The gas has no opportunity to lose any heat between the 
inner and outer cone. Indeed, it must become warmer as it 
approaches the outer cone, for there the gases already heated to 
1550° burn completely, the temperature rising to 1800°, as 
mentioned above. 

The fact that we find the temperature rises as we move our 
junction horizontally outward from the vertical axis of the 
flame toward the mantle adh agrees with this conclusion. The 
reason that we find in fusion experiments the outer parts of 
the flame not to be as hot as other parts is simply due to the 
vibration of the flame. Unless the object is sunk deeply into 
the flame, it comes in contact with the cold outer air. Then, 
too, heat is conducted away by the supporting device, unless 
this is also heated by the flame. 

The temperature gradient from the outer toward the inner 
cone is much less abrupt than from the inner cone into the 
inflowing gas. There are two reasons for this. In the first 
place, the hot gases in the region ahc conduct heat very much 
more readily than do the inflowing gases. The coefiScient of 
heat conduction increases approximately proportionally to the 

1 Sitzimgsher. Vienna Acad., 108 Ila. (1899), 1152. 
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square root of the temperature (Mache, Zoc. cit,). Then, too, the 
velocity of the gas is smaller in the ratio of the surfaces of 
the two mantles adh and ac&, so that the heat conduction can 
progress farther and more quickly into the inflowing gas. 

We cannot directly investigate the composition of the gas 
mixture in the Bansen flame. This is due to the fact that the 
product of combustion in the lower parts of the outer mantle, as 
they rise, work their way into the interior of the flame, and 
dilute the gases there present. For this reason the normal 
temperature conditions are somewhat displaced, particularly in 
the upper part of the flame. 

We may, however, arrange conditions which permit an Splitting 
investigation of this point if we dispose of the outer cone. ^^ ?"**- 
Teklu, as well as Smithells and Ingle, hit upon this device.^ It 
was very simply done by fitting a glass tube of suitable 
dimensions over the end of the burner tube. A stopper is made 
to fit tightly between the burner tube and the outside glass tube. 
The relative sizes can be seen from Fig. 18, where a scale divided 
in centimetres is included in the photograph. 

The inner cone acb burns quietly at the top of the burner 
tube. The outer cone burns higher up at the opening of the 
outer tube. Since the gases now find opportunity to cool off on 
their way from inner to outer cone, the temperature conditions 
in this latter are naturally quite different from before. 

The outer cone is not nearly so hot. The inner cone, on the 
other hand, suffers no change. The entrance of air into the 
space between inner and outer cone is wholly prevented in this 
arrangement, and samples of gas may be removed from it for 
analysis. For this purpose we may hang a capillary tube of 
porcelain down from the edge of the glass tube, or, as in Fig. 19, 
we may insert a double-walled platinum tube through the side 
of the glass tube. This tube may be moved in or out, and water 
kept flowing between its double walls. If this water is kept luke- 
warm, and the tube is brought close over the tip of the inner 
cone, the' gases experience an extremely sudden drop in tempera- 
ture, and yet the temperature is not so low that water-vapour is 
deposited from these gases on the walls of the platinum tube. 
In this way we get the gases in a suddenly cooled condition 
without any loss of water-vapour. If at the same time we hang 

1 Jmr. Ghem. Soc,, 61 (1892), 204 ; Jour, pract. chemie, 44 (1891), 246. 
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a tube down from the edge of the glass cylinder, we get simul- 
taneously a sample of gas which has had opportunity to cool 
down from the temperature iu the flame to that at the point 


where it is drawn off. The arrangement in Fig. 20 is used to 
measure the temperature of the flame. It consists of two 
thermoelements of different thicknesses, 03 and O'l mm.. 
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enclosed ia quartz capillary tubee, wblch may be lowered into 
the outer tube. We can easily bring tbese capillary tabes to 
any symmetrical places in the flame with exactness by means of 
the fine adjustments provided. Extrapolating from the readings 
of the two thin elements, we can determine the temperature for 
a thermoelement of zero tliickness. 

It is not as easy to determine the composition of the gas Anai^siB 
samples with the required accuracy as one might at first think, ^^p^ 
The great quantity of atmospheric nitrogen dilutes the gas and of sob. 
reduces the percentage of the other gases. If we attempt to 


determine the carbon monoxide, carbon dioxide, and hydrogen 
Tolumetrically, and, knowing the composition of the unburnt 
gas, calculate the amount of water-vapour, the results are 
uncertain. But we get very satisfactory results when we re- 
member that we may consider the eqmlibrum constant (p. 113) — 

K — ^HjO X Ceo 
CcOj X ^Hj 

as the product « x k' of the two quotients — 

Ch,o , , Ceo 
'^ = Cc^"'^*==Ch^, 

We may determine the value of one of these quotients by simply 
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conducting the gas through the absorption tubes used in an 
ordinary organic combustion analysis. The other quotient may 
be determined by a single combustion over mercury of a sample 
of the gas freed from carbon dioxide. Knowing the contraction 
accompanying this, the consumption of oxygen and the amount 
of carbon dioxide formed, we can calculate, not only the amount 
of carbon monoxide and hydrogen present, but even that of a 
third component, say methane. The equations here used are 
those developed by Bunsen^ for the combustion analysis 
of gas. 
The cftl- Wohl ^ has recently attacked these equations of Bunsen, and 

of ^e*^ sought to substitute others in their place. If we arrange under 
analybia. " Con." the contraction taking place on combustion, under CO2 
the amount of CO2 produced, and under Vo the oxygen con- 
sumed, all expressed in cubic centimetres, we obtain, according 
to Bunsen, the following table for the combustion of CO, H2, 
and CH4 :— 


and consequently 


CO . 
CH, 

CO2 
. . . 1 

. . . 
. . . 1 

Vo Con. 

* \ 
2 2 

y 
CO2 = 

Con. = 

CO + CH4 
iCO + liH. 
iCO + iHa 

2 + 20H4 
+ 2CH4 


The quantities of these three gases can be calculated from 
these three equations. But Wohl objects to this, saying that 
the quotient of the molecular weight divided by the density 
at 0° and 76 cms. approximates very closely in the case of 
hydrogen, carbon monoxide, and methane to the value 22*41 
for an ideal gas, but that in the case of carbon dioxide we 
get a very divergent value for this quotient, namely 22*26. 
He therefore concludes that Avogadro's rule does not apply 
here, and consequently that Bunsen's equations cannot be 
accurate. 
DiacusBion We consider Wohl's objection to be quite invalid. We 

of Wohre 

formula. i «< Gasometrische Methoden," 2nd edit., 1877. Second section. 

2 Ber. d. deutschen Chem, Qes., 37 (1904), 429. 
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obtaia from Van der Waal's formula ^ for the relation between 
the pressure, volume, and temperature of a gas — 


(p + 5)(«-&) = ET 


the following relation between the molecular weight M and 
the density rfo of a gas at 0° and 76 cms. — 

f(l+aXl-J)=R 

Van der Waals found a and 6 to have the values — 

a = 0-00874 
6 = 00023 

for carbon dioxide, and consequently — 

^ X 100646 = R 

M 
Wohl's value for -j- = 22*26, therefore, gives an entirely correct 

value for R if we multiply by the factor 1*00646. The deviation 
from the value 22*41 is therefore solely due to the fact that 
carbon dioxide is not a perfect gas a-t 0° and 76 cms., and has 
nothing to do with Avogadro's rule. 

When the pressure of carbon dioxide is reduced to one-third Justifica- 
of an atmosphere or less, its deviation from the behaviour of an B^^^^^g 
ideal gas is so small as to be negligible in analytical work, formula. 
One can easily convince himself that this is true by making 
use of Van der Waal's equation. Of course there is no question 
but that we are introducing a perceptible error when we assume 
that 100 c.c. of carbon dioxide are formed by the union of 100 
c.c. of pure carbon monoxide and 50 c.c. of pure oxygen (all the 
volumes being measured at 0° and 76 cms.). Indeed, we should 
only obtain 99*4 vol. But it is quite unjustifiable to ascribe 
any universal significance to this deficit of 0*6 per cent., and 
to suggest an alteration of the Bunsen formulae on this ground. 
Besides, it is very seldom that we have pure carbon dioxide 
formed in a gas analysis. Instead, we usually obtain by 
explosions mixtures of which only a fraction is carbon dioxide. 
The use of Bunsen's equation assumes the gases to obey Dalton's 

1 Van der Waals, ** Kontinuitat," etc. (Leipzig, 1899-1900), vol. i. p. 85. 
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law of partial pressures, according to which the total pressure 
equals the sum of the partial pressures. If the single gases 
deviate perceptibly from the fundamental gas law — 

in; = ET 

as carbon dioxide does at 0° and 76 cms., then Dalton's law is no 
longer strictly fulfilled. In this case it is absolutely impossible 
to calculate the results of analysis by using fixed correction con- 
stants in Bunsen's equations, as Wohl advocates doing. Instead, 
it would be necessary to determine fresh constants for eacli 
gaseous mixture by a special investigation. This is evidently 
quite impossible in the ordinary practice of gas analysis. The 
thing to do, then, is not to attempt to improve Bunsen's eqtMitions, 
but rather the conditions of the analysis. This can be satis' 
factorily accomplished by never allowing the carbon dioxide 
content of the final gas mixture to exceed 35 per cent. 
The water- The analysis of the gas taken from the space between the 
Uteiran^' two cones showed that it made no difference where in this space 
in the we took the sample from. The ratio (p. 118) — 

Bunaen 

CcOa ^ ^fla 

therefore, does not change as the gases rise from the inner cone 
and cool several hundreds of degrees in temperature. This 
applies equally well to a flame from a mixture of air and 
illuminating gas as to one from a mixture of air, illuminating 
gas, and carbon dioxide, although the temperature of the latter 
is lower. Thus, samples taken in one case (a) from just at the 
base of the outer flame, and in another (b) from just above the 
tip of the bright green inner cone, gave the following values for 
these ratios : — 


a . . 

. . 3-54 

2-68 

2-74 

2-89 

2-92 

2-97 

2-54 

h . . 

. . 3-58 

2-68 

2-86 

2-77 

2-82 

3-12 

2-87 

f'C. . 

, . 1661 

1313 

1305 

1266 

1265 

1230 

1255 


The temperatures as thermoelectrically measured are ap- 
pended. 

On closer scrutiny of these numbers, it appears undeniable 
that those six experiments where the temperature was depressed 
by the presence of carbon dioxide yielded much smaller values 
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as the first one c^uried out in absence of COg. They correspond 
in both cases to the values we found before (p. 143) for the 
water-gas equilibrium. It seems probable from this that in 
the combustion of the hydrocarbons in the inner cone of the 
Bunsen flame an equilibrium is attained which readjusts itself 
so slowly that the gases do not alter their composition as 
they rush through the cooling space. 

A further series of experiments was carried out in order to The limits 
decide whether or not equilibrium was really reached. lUu- ^{^l? 
minating gas, and a mixture of illuminating gas and carbon eqoili- 
dioxide were used. They showed that equilibrium was reached. ^^"^ 
AUner supplemented and confirmed them with similar results attained 
for mixtures of methane, carbon monoxide, and hydrogen, of ^^\^, 
methane and hydrogen, and of benzene, carbon dioxide, and tained 
hydrogen. He further studied the possible limiting concentra- BuMen 
tions. The result was a most characteristic one. There was flame, 
no accurate adjustment of the equilibrium in the relatively 
cold flames (below 1100°), which he got by burning mixtures 
of carbon dioxide and hydrogen, and of carbon monoxide and 
hydrogen. On the other hand, when the flames were very hot, 
as is the case witrh a mixture of benzene vapour and air (2000*^), 
the gases changed their composition after they left the inner 
cone. It follows from this fact that below 1100° the interval 
of time during which the reaction can take place in the zone of 
the stationary explosion is insufficient. Above 1 200° equilibrium 
is reached. The equilibrium is not perceptibly displaced during 
the period of cooling, if the temperature does not exceed 1500°. 
If the flame is hotter than this, the equilibrium is progressively 
displaced until the gas cools to 1500°, when the equilibrium 
" freezes," to use our earlier expression. If, however, we increase 
the rapidity of the cooling by introducing a cooling tube, we 
should evidently get different results in tiie flame of 2000° C. 
than when we allowed the gas to cool slowly. 

These results may be more readily understood from the Numerical 
accompanying table. The temperatures in brackets were '®*'*^*** 
calculated from the heat of combustion and the specific heats. 
The other temperatures were measured thermoelectrically. 
The calculated values of the equilibrium constant were taken 
from the fifth column in the table on p. 143. The values 
labelled "found" represent mostly the mean values from 
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several experiments, or the values extrapolated from several 
experiments. 


COj + Hj . . . 
CO + H, . . . 
CeHe + COj + Hj 
0,He + COa + H, 
CH4 4- COj + H, 
CH, + Hj. . . 
lllamiDatinggas + CO, 


» 


w 


» 


n 


a 


>» 


») 


w 


»> 


Temperatttre, 
dcgroM G» 

(890-1037) 
990-1083 

1190 

1280 

1246 
C.1400 

1265 

1265 


IIluminatiDg gas . 


»> 


») 


>» 


>» 


0-2 
3-2 
2-4 
2-3 

2-6 

31 

2-6-2-8 

2-9 

1305-1324 2 6-2-9 

1370 3-2-3-3 

1386 3-6 

1500-1510 3 6-4-2 

1525 4 


Cc02 ^ ^H20 

Found. CalcnlAted. 

1-2-1-8 


Benzene (c.2000) 


1-6-1-9 

2-5 

2-9 

2-8 

3-46 

2-8 

2-87 

3-1 

3-3 

3-4 

3-9 
3-97 

5-24 


! 


EqaiUbrium Ib not 
reached. 


Eqoilibriam Is reached 
in the Inner cone and 
then ** freeaee." 


Eqnilibrinm continnes 
to rea4Jnst during 
the cooling, being 
overtaken between 
3*5 and 40. 


A theo- 
retical 
disciuBsioii 
of the 
technical 
process of 
water-gas 
manu- 
facture. 


The usual 
concep- 
tion. 


It is not SO easy to apply our theoretical reasoning to 
actual practice, as it was in the case of the nitric oxide equi- 
librium, because the process is much more complicated. Water- 
gas is technically prepared by blowing air and water-vapour 
alternately through a shaft of burning coal. 

The air-blast generates either carbon monoxide as the chief 
product when run according to Humphrey and Glasgow's 
method, or carbon dioxide when run according to the Dellwick- 
Fleischer method. In both processes the coal glows intensely. 
The steam blast generates water-gas, and as it uses up heat in 
the formation, cools off the coaL It is therefore customary 
to alternate the two currents at quite frequent intervals. The 
steam-blast is continued each time until a flame shows the 
characteristic appearance of a flame fed by a very poor gas. 

According to the usual view, two processes are here taking 
place — 

C -I- H2O = CO -I- Ha 


and 


(a) 


C + 2H2O = CO2 + 2H2 
Ki 


J = 

<?H20 

JS.11 = — Q 


C^HaO 


K 


= K = 


11 


CCO2CH2 
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When both of these reactions run to equilibrium, it depends 
on the temperature whether we get a good or a bad gas for 
heating and lighting purposes. Water-gas is poor when it 
contains a great deal of carbon dioxide — that is, when reaction 
h) takes place to any considerable extent. Here our object is, 
not simply to get as near as possible to the equilibrium, as it 
was with the nitric oxide ; but instead we wish to reach and fix 
the equilibrium at a particular temperature where reaction 
(I) does not take place markedly. Now, it is to be borne in 
mind that these two reactions, (a) and (6), are connected by 
the relation — 

(c) C + CO2 ± 2C0 Kii = ^^ 

<^co, 

Boudouard^ has studied this third equation, and finds that Bou- 
the following mixtures were in equilibrium with coal (see ^™ri/ 
Appendix, No. VIII.) : — moot. 

At degrees 0. . . 650 . . 800 . . 925 
Percent. CO2 . . 61 . . 7 . . 4 
Percent. CO . . 39 . . 93 . . 96 


CO 
CO2 


64 . . 13 . , 24 


These numbers refer to a total pressure of carbon monoxide and 

1 Compt. Rend,!^ (1900), 132; Bulh Soc, Chim., 21 (1899), 712. See, 
too, Schenck and Zimmennann, Berichte d. B, Chem, G'es., 36 (1903), 1231 
and 3663; also Zeitschr.f Elehtrochemie, 9 (1903), 691 ; and finally Boden- 
stein's discussion given in the same place. It is of further importance, in con- 
nection with p. 255 of this lecture, that Boudouard found that even at 500° 
there was still 5 per cent. CO in equilibrium with 95 per cent. CO2 at one 
atmosphere pressure. Dixon {Journ, Chem, Soc., 75 (1899), 630) has 
attacked the views propounded on p. 255, and has sought to discredit the 
experiment of Lang, which favoured these views. Dixon conducted carbon 
dioxide mixed with 8 per cent, oxygen over coal at 500°. If carbon 
monoxide were the primary product of the combustion, there would neces- 
sarily be at least as much carbon monoxide in the issuing gas as corresponded 
to the equilibrium. Dixon found less than one per cent. CO. Experiment, 
therefore, speaks rather for than against the primary formation of carbon 
dioxide. Brereton Baker (FhiL Tram,, 179 (1889), 571) has observed that 
coal will form carbon monoxide with extremely dry oxygen under conditions 
where carbon dioxide similarly dried has no action on coal. It is best, 
however, not to be influenced by this consideration, for the extreme dryness 
entirely alters the relative reaction velocities, and introduces passive resist- 
ances which destroy the comparative value of the observations. 
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dioxide equal to one atmosphere. In the actual preparation of 
water-gas, the hydrogen present lowers the sum of these partial 
pressures to 0*4 atmosphere. This tends to increase the value of 

the ratio t^^t- over what it would otherwise be, for the percentage 

constant of CO in equilibrium with coal increases with decreasing 
pressure. It is essential in actual practice that this ratio should 
always be greater than 10. Looking at our table, we may there- 
fore conclude that 750° is the lowest practicable temperature at 
which the gases are in equilibrium with themselves and the 
coal. And yet no such equilibrium mixture is actually 
established. A glance at the values which Luggin calculated 
from Harries' experimental results (p. 138) shows that although 
the four gases reaclr an equilibrium among themselves at 
temperatures between 760*^ and 1000°, they are not in equi- 

CO 
librium with the coal. For the ratio ^^7^ is always smaller than 

L/U2 

it would be were equilibrium with the coal established. 

Yet we recall how the water-gas equilibrium " froze " at a 
white-hot temperature in the cooling region of a Bunsen flame. 
Here we seem to find just the reverse ; namely, that it adjusts 
itself at any temperature down to a moderate red heat (750°), 
But the gases were in a free gas space there, while here they 
are in intimate contact with the coal. To be sure, the time 
given the reaction to reach equilibrium is shorter in the first 
case than in the second, but the difiference is by no means 
large enough to explain the difference in behaviour. We must 
conclude that the glowing coal accelerates the adjustment of 
the water-gas equilibrium without itself reaching equilibrium 
with the gases. The coal, therefore, acts upon the water gas 
equilibrium quite as platinum does. It would be of interest 
and value to determine what intermediate reaction is responsible 
for this behaviour. Here we should have always to keep in 
mind the fact that coal is by no means pure carbon, and that 
the intermediate reaction after all might be due in some way 
to a constituent of the ash. 

Glancing again at Harries' numbers, we see that at about 
1000° the content of carbon dioxide and of water- vapour has sunk 
low enough to meet the demands of practice. If the steam 
is driven through at a higher velocity, and under the irregular 
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temperature conditions of an actual gas oven, it would be 
necessary to place this limit somewhat higher. It is plain 
that above some particular temperature, even in the technical 
gas, a condition must be reached at which there is equilibrium 
both between the various gases and between the gases and the 
coal. Now, the pressure is necessarily always very near the 
atmospheric. Consequently, according to our above conclusions, 
the content of carbon dioxide must sink at temperatures higher 
than 1000° to mere traces which are no longer to be detected 
by volumetric analysis. 

But experience teaches that water-gas technically prepared 
always contains several percents of carbon dioxide. We may 
take into account the fact that the temperature in the water- 
gas sinks during the injection of steam, and that, consequently, 
the observed carbon dioxide may be found toward the end of this 
period. For the present we cannot give any more quantitative 
explanation. 

To recapitulate, then, regarding the water-gaa equilibrium, 

we may say that equilibrium is quite readily attained between 

the gases CO2, CO, H2, and H2O. This equilibrium, however, 

only has technical importance when the content of CO is high 

and that of CO2 simultaneously low. The location of the 

equilibrium between coal, carbon dioxide, and carbon monoxide 

shows that this is theoretically possible even below 800^ But, 

practically, the inertness of the coal prevents us from obtain- 

CO 
ing satisfactory values for the ratio t^% and consequently 

a favourable composition of water-gas at temperatures below 
800°. The small content of CO2 which theory would 
predict in the case of this equilibrium above 1000** is always 
exceeded to some extent in the technical preparation of the 
gas-water. 

The principal technical interest in the water-gas is centred 
upon the question of the heating qualities of the gas mixture. 
The object striven for is to produce a gas mixture whose 
fuel value shall represent the largest possible fraction of the 
fuel value of the coal consumed. The air-blast which heats 
the coal is here of the most importance.. It is particxdarly 
important whether we choose to regulate this blast so as to get 
carbon monoxide, and then make further use of this, or, instead, 
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to obtain dioxide and allow this to escape into the atmosphere. 
Calculations concerning these points have been made on the 
basis of the simple laws of thermochemistry, and have been 
treated so extensively in the technical literature of the subject 
that they may be omitted here. 


APPENDIX TO LECTUEE V 

Recently the dissociation of carbon dioxide has been determined Dissooia- 
more exactly by Nernst and von Wartenberg.^ Their apparatus con- J^^ pf 
sisted of a porcelain vessel in the form of a pipette, which was heated penmen ts 
electrically in a platinum tube. The bulb of the pipette was some of Nernst 
7*5 cms. long and 2 cms. in diameter. The outlet tube was a capil- warten- 
lary of 0*5 mm. inside diameter. The inlet tube was 6 mm. in berg, 
inside diameter, and through it a thermoelement was inserted. 

Pure dry carbon dioxide heated to difFerent temperatures was 
blown through the apparatus. The issuing gases were collected 
in a weighed apparatus filled with concentrated EOH and fitted 
with a narrow tube for collecting the few cubic centimetres of carbon 
monoxide and oxygen produced by the dissociation. Arrangements 
were also made so that a spark could be passed through the CO2 before 
its entrance into the pipette ; by the action of the spark as much as 
4 per cent. CO2 was decomposed. This being far in excess of the 
amount produced by the dissociation at the temperature to which the 
pipette was heated, formation of CO2 instead of decomposition took 
place in the pipette. Thus the equilibrium could be approached 
from both sides. 

It was difficult to find the interval of temperature where the 
dissociation was high enough to allow reliable determinations of 
the percentage of CO and Og without recombination taking place 
in the outlet tube. The shifting of the equilibrium by this recom- 
bination was diminished as much as possible by the high speed and 
rapid cooling of the gas in the narrow capillary tube ; but only in 
the case when the OO2 was quite dry were the experiments successful, 
water vapour accelerating the reaction to an extreme degree. More- 
over, the porcelain tube, which was glazed on the outside, after some 
time became porous. This was shown by the fact that the CO 
and O2 collected in the absorption apparatus did not stand in the 
theoretical ratio of 2 to 1. 

^ Qottinger Nachrichten, 1905, Heft T., and Zeitschr f, physikal, Chemie^ 
56 (1906), 648. 
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Notwithstanding these difficulties, experiments of sufficient exact- 
ness were made at 1127° C. and 1205° C, and a third value was derived 
from similar determinations of the water dissociation, using Hahn^s 
(see p. 189) data on the water-gas equilibrium. 

These figures are collected in the following table : — 


<oC. 

TO abs. 

X % found. 

X % calculated. 

1027 
1127 
1205 

1300 
1400 
1478 

0-00414 

0-01-0-02 

0029-0-035 

0-00389 

0-0138 

0-0324 


The values of x mean the percentage of COg which has dissociated 
under a pressure of one atmosphere. 

The ratio of this value x to the constant of dissociation is easily 
deduced in the following way : — 

In the equation 

the first term of the quotient, which is independent of the units 
chosen, may therefore be replaced by the expression — 

100 - X 

X 

On the other hand, the dissociation of x per cent of CO2 increases 
the volume in the ratio of 100 + O'oa; to 100. If the total pressure 
remains one atmosphere, the partial pressure of the oxygen becomes— 

a;5a; 

100+^0*5a; 

therefore the complete expression for the equilibrium constant takes 
the following form : — 


100 - a; VlOO + 0-5aJ 100 - a: , 


X 


0-707a;^ 


For temperatures below 1600° where x is less than unity this 

may be simplified to — 

_ 1000 

"^ " 0-707ir^ 

The values for x calculated by Nernst and v. Wartenberg are 
based upon the determinations of the specific heats by Holborn and 
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Austin. These heats, reckoned by Nernst and v. Wartenberg for one 

mol at constant volume between absolute zero and T, are for a 

permanent gas — 

c^ = 4-68 + 0-000268T 

and for CO2 — 

c, = 5-106 + 0-00334T - 7*35 X 10-^T^ 

Therefore the heat of formation of one mol of COa at constant 
volume has the value — 

Q.= 67,700 + 1-9 15T - 0-00294T« + 0-735 X 10-^T» 

The heat of formation of the same quantity of COa at constant 
pressure therefore is — 

Q^ = 67,700 + 2-907T - 0-00294T' + 0-735 X 10-^T^ 

OalculatioDS based upon the specific heats as determined by 
Langen give approximately the same values, as can be seen from 
the following table : — 


absolute. 

X found. 

X calculated. 

1300 
1478 

0-00414 
0-029-0-035 

0-00407 
0-043 


The free energy formula in the latter case is — 

A = 67440 - 2-42TZwT + 0-0017T' - 4-56Tlogio— ^ *— ^ - 5-95T 

This is the same formula as given in the text on page 169, only 
with a diiferent value for the thermodynamically undetermined 
constant. 

Comparing the results of Nernst and v. Wartenberg with those 
of Deville, we notice that the temperature which corresponds 
to Deville's results is not 1300°, but 1400^ This is surprising, 
because at 1400° C. the equilibrium changes very rapidly in the 
outlet tube, and Deville did not use any special device to hinder this 
change ; thus his result is difficult to understand. 

The figures of Nernst and v. Wartenberg have been confirmed Lang- 
by Langmuir,^ who passed OO2 along a platinum wire heated "^ yiJ^^^n^ 
electrically. The temperature of the wire was determined from its 
resistance. The escaping gases were collected and analyzed by the 

1 Jour, Amer. Chem. Soc,, 28 (1906), 1357. 
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same method as that employed by Nernst and v. Wartenberg. 
Experiments were made between 1050° and 1300° C, the values 
obtained being in close agreement with those of Nernst and 
V. Wartenberg. 
The glass As these determinations of the equilibrium are restricted to a 
^^' rather small interval of temperature, it is fortunate that a direct 

method has been found for determining the free energy of formation 
of COa and O2 in a reversible galvanic cell. It had already been 
shown by Warburg ^ that glass is an electrolyte at high temperatures, 
even when in the solid state. He found that a current may be pro- 
duced in a cell with sodium amalgam as anode, mercury as cathode, 
and glass as electrolyte, which transports the quantity of sodium 
through the glass corresponding to Faraday's law. The author, in 
common with Moser,^ platinized the lower ends of ordinary test-tubes 
both inside and outside, and heated them to the boiling-point of 
sulphur or phosphorus pentasulphide, that is to say to 445° C. and 
518° 0. respectively. The outside surface was surrounded by air, 
whilst the inside was filled with mixtures of OOaand CO, or of Oaand 
Ng. The platinum films on both sides of the glass were connected 
to a compensation apparatus by means of isolated platinum wires, 
so as to determine the values of the B.M.F. originated between them 
by the change of the nature or of the composition of the gases inside. 
Theory of The theory of the cell will become clear from the following con- 
the glass gi(jeration. According to Warburg, if a current is flowing through 
the glass, only sodium ions migrate, transporting the electricity 
from the positive to the negative pole. If there is no oxygen at 
the negative pole, these ions will be set free at the electrode ; 
in the presence of oxygen, sodium oxide will be formed to an extent 
of one equivalent for every 96,540 coulombs. At the other electrode' 
the same quantity of electricity sets free one equivalent of SiOg from 
SiO/ ions ; if no oxidizable substance is present at this pole oxygen 
will be liberated, while in the presence of 00 an equivalent amount 
of CO2 will be formed, SiOg in both cases remaining in the glass. 
Hence it follows that the passage of 96,540 coulombs will use up one 
equivalent of Og at one pole, and produce one equivalent of CO3 
from 00 at the other pole, the glass becoming at the same time 
more alkaline on the oxygen side and more acid on the carbon 
monoxide side. 

* See Warburg and Tegetmeier, Wied. Ann., 32 (1887), 447 ; 35 (1888), 
455 ; Scbultze, Wied. Ann., 36 (1889), 661 ; Tegetmeier, Wied. Ann., 41 
(1896), 18; and Roberts- Austen, Engineering, 59 (1895), 442. 

* Zeitschr.f. Electrochemie, 1905, 594. 
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This syBbem is of a siinilar type to a cell composed of an electrode C)ompari- 
of chlorine and one of silver covered with silver chloride in a ??" ^^*^ 
solution of HOI as electrolyte. It is well known that in this case the chloriae 
source of the energy may be attributed to the fact that the equilibrium <>ell. 
pressure of 01 gas over Ag and AgOl is diflFerent from the pressure of 
the gaseous OI2 at the chlorine electrode. So this system may be 
looked upon as a concentration cell, by the operation of which the 
pressure of the chlorine falls from its value at the chlorine electrode 
to the value corresponding to the equilibrium 2A^ -f Qj\^^kg 01. 
In exactly the same way the element of Haber and Moser derives its 
potential from the diflference in the pressure of the oxygen, present 
in a large amount at one electrode, but at the other only in the 
imperceptible traces which satisfy its equilibrium with 00 and OO2 
according to the equation — 

The fact that Haber and Moser did not measure the E.M.F. of the 
cell directly, but instead measured alternately the values for one 
and for the other electrode against the same air electrode, does not 
alter this consideration. There is, however, a distii^tion between the 
case of the chlorine element which we have instanced and that of the 
glass element. In the case of the chlorine element the dissociation 
pressure of chlorine over the two-phased system of Ag and AgOl is 
invariable at a given temperature, while in the case of the glass 
element it depends on the composition of the gaseous mixture 
according to the above equation. It may be further noted that when 
a current is flowing through the chlorine cell an increase of acidity 
takes place at one pole and a decrease at the other, just as in the 
case of the glass cell, diffusion in both cases tending to counteract 
this eflFect. If measurements are made by means of the compensation 
method, this change of concentration becomes zero in both cases, 
because no current is taken from the cell. 

The proof that the glass element really derives its e.m.f . from 
the reversible reaction — 

is shown by the fact that on one hand different mixtures of O2 and Resulta 
N2, and on the other hand different mixtures of 00 and OO2, give ^j^^^ ^^i. 
differences in e.m.f. against the standard air electrode, as required 
by the formulae — 

J, RT , Po, ^ RT . Pc o X p'co, 

E = Tp X ln--T'- E =^ X hi , 
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The following measorements may be qaoted as aii example of the 
resalU obtained : — 


Composition of the 

gases in the inner 

tube. 

£.m.f. of the inside 

against the outside 

air electrode. 

Differences in volts. 

Found. 

Calculated. 

0, = 94-6 % 
N,= 5-4% 

CO, = 97-9 % 

C0= 1-6% 

N,= 0-6% 

0, = 94-6 % 
N2= 5-4% 

COj = 97-9 % 
C0= 1-6% 
N2= 0-5% 

4- 0-088 volt 
-0-923 „ 
+0-090 „ 
-0-922 „ 

1-011 

■ 

1-0 11 

1-011 

1013 

1013 
1013 


The calcolation was carried out according to the formula on p. 317, 
where — 

A = 2 X 96,540 X 0-239 X e.m.f. = 46,200 x e.m.f. 

Another property of the glass may be mentioned in connection 
with this example, namely, that the outside and inside of the tube 
often show a small, rather constant discrepancy from the calculated 
e.m.f. Thus in the case quoted the 94*6 per cent. 0, mixture 
gives a potential of 88 millivolts against the air electrode, whilst it 
should give at a temperature of 717^ absolate, at which the experi- 
ment was performed, an e.m.f . of — 

96*4 
B = 0-08585 logio-^Qig = 0-0235 volt 

The discrepancy of 0-0565 volt is due to this property of the glass. In 
most cases these residual electromotive forces are very much smaller. 
The fact that the equilibrium — 

C0a + C;i2C0 

reqaires at temperatures near 500° only small percentages of CO 
hinders one from using in the element mixtures containing much 
GO without raising the temperature up to 600° and higher, while 
on the other hand the potential of the platinum does not easily 
reach at 600° and higher the theoretical value corresponding to 
these mixtures of CO and CO2. 
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While these measurements of the e.m.f. give us the energy 
of the formation of COa in the neighbourhood of 500°, we may, 
by the aid of Lowenstein's ^ determinations of the density of OO2 
and by Emich's ^ experiments on the formation of iridium dust in 
air and CO2, gaiu some knowledge as to the extent of dissociation at 
very high temperatures. 

Lowenstein used an apparatus similar to that employed by Victor Lowen- 
Meyer in his density determinations. The bulb was of platinum, and J^^j^y 
was heated electrically up to some 1550°. The outlet tube was replaced measure- 
by a horizontal capillary tube containing a short thread of mercury, ™«n*8- 
by the shifting of which the expansion of the gas could be measured. 
The apparatus was filled with CO2, and then a small piece of aluminium 
dropped in. According to the equation — 

2A1 + 3C0a = AlA + 300 

carbon dioxide was reduced to CO. Therefore dissociation existing 
in pure CO2 was diminished to an imperceptible extent by the mass 
action of the CO. Overlooking the minute increase in volume due to 
the introduction and oxidation of the aluminium thrown into the hot 
bulb, there should have been no change in volume, supposing that the 
COg is undissociated and that equivalent weights of COa £^nd CO have 
exactly the same volume under the same pressure at the temperature 
of the experiment. Taking into account the influence of a small 
amount of oxygen present in the COa, Lowenstein derives a dissocia- 
tion of 0*4 per cent, from the observed changes of volume. Accord- 
ing to Nernst and Wartenberg the dissociation should amount to 
0'56 per cent, at the same temperature. 

Einich's experiments were carried out at still higher temperatures. Emlch's 
He made use of the results given by Holborn, Henning, and Austin,^ perimiMits 
regarding the formation of metallic dust from strips of different 
metals when heated electrically in different gases to various 
temperatures. Iridium was found to produce dust in especially 
large quantities, varying with the nature of the gas in which it was 
heated. No gas had so marked an influence on the phenomenon as 
oxygen, the quantity of dust produced in pure oxygen being eleven 
times as great as that in air at the same pressure and temperature. 
Emich points out that at 2150** pure Ng, as well as pure CO, does 
not produce any appreciable quantity of dust. On the other hand, 

1 Zeitschr. f, phyaik. chemie, 5 (1906), 707. 

2 Monatshe/tefur chemie, 26 (1905), 1011. 

3 Wissenscha/tliche Abhandhungen der physikalisch technischen Beichs- 
anstalt, Bd. IV. (1907), 87 
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be finds that the amount of dust prodaced for the same temperature, 
in an atmosphere of CO2 is the same as thab produced in an atmo- 
sphere consisting of 4*9 per cent. O2 and 95*1 per cent Ng. From 
these results he concludes that for this temperature and under a 
pressure of one atmosphere carbon dioxide is dissociated to such an 
extent that 4*9 per cent, oxygen is present in the gas. At 1970° be 
finds that probably 2*2 per cent, oxygen is produced from the CO2 
at one atmosphere pressure. 

At 1500° the dissociation as found by the same method is very 
small, its numerical value being somewhere about 0"1 per cent. 
Calculation of the percentage of dissociation at the other two 
temperatures gives for 1970° 4*5 per cent., and for 2150° 10 to 11 
per cent. 
Emich' ^^^ temperatures in these experiments were measured photo- 

determi- metrically, according to Holborn and Kurlbaum's method described 

the^dura ^^ *'^^ ^^^ lecture of this book. 

tion of It may be mentioned that these results which Emich obtained are 

outflow, not in agreement with those he found by another method.^ He tried 
to find the decrease in apparent density produced by the dissociation 
of CO2 at high temperature, according to the well-known method of 
Bunsen. The time which same volumes of different gases take to pass 
through a narrow opening is proportional to the square root of the 
densities of the gases. Emich determined the ratio of the duration 
of flow through an iridium orifice for CO2 and N2 at ordinary 
temperatures and at 2000°. He did not find any, or, at the most, 
no appreciable change in the ratio. Discussing former papers on this 
subject, he emphasizes the fact that a dissociation amounting to 6 
per cent, would be entirely inconsistent with his results. It is un- 
doubtedly difficult to make this result accord with his latter work on 
formation of dust, but it seems probable that the detennination of 
the duration of outflow is less able to give certain values at so high 
a temperature, because of the rapid deterioration of the orifice. 

Owing to the uncertainty which still exists in the specific heats 

of^th™*'^^ of the gases, it is difficult to give an exact expression for the 

results on reaction energy of CO and O2 forming COg. However, marked 

elation*'^' P^^g^^ss has been made, and the following figures, which Nernst and 

Wartenberg propose for the percentage of dissociation at different 

temperatures and pressures, may be probably regarded as a sufficient 

basis for further theoretical reasoning, though we cannot overlook 

the fact that the expression given by Holborn and Austin for the 

specific heat of CO2 is used in this calculation for temperatures up 

1 Monatsheftefilr Chemie, 26 (1905), 605. 
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to 2500° abs. This expression, derived from experiments at much 
lower temperatures, contains a negative term with T^, which makes 
the value for the specific heat of COa undoubtedly too small at high 
temperatures. 


T 

P = 10 atm. 

P = 1 atm. 

P = 0-1 atm. 

P = 0-01 atm. 

1000 
1500 
2000 
2500 

7-31 X 10-6 
1-88 X 10-2 
0-818 
7-08 

1-58 X 10-5 
4-06 X 10-2 
1-77 
15-8 

3-40 X 10-5 
8-72 X 10-2 
3-73 
30-7 

7-31 X 10-5 

0-188 
7-88 
53-0 


Surely it is of interest to see how nearly these figures are in Compari- 
agreement with those given in the Fifth Lecture derived by help so" of i^ew 
of Le Chatelier's assumptions, before any of the experiments which figures, 
are recorded in this appendix were published. 

According to the table on p. 171, the percentage of dissociation 
at one atmosphere amounts at — 

(a) 1300° C. to 0-1 per cent. 
\h) loOO*" C. to 0-4 
\c) 2000° C. to 5-5 


5J 


Nernst and Wartenberg calculate from their results the following 
values : — 

(a) 1323° C. to 0-104 per cent. 

jl423°C. to 0-242 
W \1523°C. to 0-507 

I1923°0. to4-88 
^^f 1.2023° 0. to 7-55 


>> 


>j 


>> 


The fact that Le Ohatelier's own calculations gave the different 
results which are mentioned on p. 172, is explained by the accidental 
error that the partial pressures in his calculations referred to 
the formation of 2CO2 from 2C0, whilst the heat of formation of 
CO2 was used in the numerical treatment. 

Reviewing our knowledge of the formation of CO2 from CO and 
O2, the uncertainty seems limited to the highest temperatures 
attainable by combination of CO and O2. Indeed, Le Chatelier's 
assumption of 3000° C. for Deville's flame is a very uncertain one, 
though, as we have seen above, it has proved a useful starting- 
point to derive correct dissociation values for temperatures below 
2000° C. 
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DiB8ooia- Still greater progress has been made in the case of the following 
tion of reaction :— 

Ha + ^HaO 


H,0. 


Beginning with determinations at comparatively low tempera- 
tures, oxygen-hjdrogen cells may first be mentioned^ which the 
author has studied in common with Fleischman ^ and Foster,^ 
using hot glass and porcelain as electrolytes. 
GlasB and Most of the glass cells were made in the following way : Two 
celJjL ^^ ordinary glass tubes 10 mm. in diameter and closed at one end were 
fused together by help of the blowpipe by their closed ends to form 
a straight tube of double the length. The bottom of the tubes 
formed a glass partition in the middle. This was platinized or gilded 
on each side, and brushes of either platinum or gold wires were 
inserted from the open ends so that the points of the brushes touched 
the partition, the other ends of the brushes being connected to a 
compensation apparatus with which the e.m.f., set up between the 
two sides of the partition by the introduction of different gas 
mixtures from each end, could ba measured. Porcelain cells were 
made by the help of a straight porcelain tube, the middle part of 
which was platinized or gilded inside and outside for a length of 
10 cms. These films were connected to a compensation apparatus 
by wires of the same metal, difiPerent gas mixtures acting on the 
inside and outside setting up an e.m.f. Another form of the 
porcelain cell was made by the help of a porcelain tube closed at one 
end, and platinized or gilded inside and outside at the bottom. In 
all cases the heating was done electrically, and the temperature 
was measured by the platinum platinum-rhodium thermoelement. 
For details as to arrangement the reader is referred to the original 
papers. For temperatures between 330° and 580° glass cells were 
used, and between 800° and 1100° porcelain ones. 
Influence The theory of the cell is the same as that given for the CO-CO2 
vapour ' cell, except in one particular. Water- vapour acts upon the glass and 
discussed porcelain glaze, while the CO2 was inert. The electrochemical changes 
callj? ^' ^^ *'^® electrodes would correspond in the simplest case to the 
equations — 

(A) i02-f-Si02-f-2^;t8i03" 

(B) H2 -f- SiO/ 1- SiOa + H2O + 2$ 

From these equations it follows that a change in the pressure of 

1 Zeitschr.f. anorg, Chem.,bl (1906), 245. 

2 Ibid., 61 (1906), 289. 
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the oxygen would iaflaence the oxygen electrode according to the 
formula — 

Ea X 2F = "Klin^K 

On the other hand, the ratio of H2 to H2O at the second electrode, 
changing from , - to 7~"' would produce a change in the e.m.f. 
equal to — 


Eb x2F = ETZ;i^-?^ X^^- 

P^^o P Ha 

However, experiments show that these simple assumptions are 
incorrect, and must be replaced by 

(A) iOa + SiOaajH^O + 2^ $ SiO/ + xB.Jd 

(B) Ha + SiOs" $ SiOaUrHaO + (1 " ^)HaO + 20 

The corresponding formulaa for these changes then assume the 
form — 

E'a X 2F = RT?n-^i - RTZn-^ 


'b X 2F = RT//-?4^ + RT/nf^4 


Looking at these expressions, we sec that the second terms on the 
right-hand side of both equations vanish when the water-vapour 
does not change in partial pressure ; that is, whenyHa© is the same as 
^HaO* Using on both sides of the cell gas mixtures which have the 
same partial pressure of water-vapour, no influence of these terms is 
to be expected theoretically, or is it found experimentally. The figures 
given later on will show that the agreement between theory and 
experiment with equal pressure of water-vapour on both electrodes is 
a close one. If the pressure of the water-vapour was different at 
both electrodes, qualitative agreement between theory and experiment 
was still found, experimental difficulties being in the way of quanti- 
tative proof of the theory, that is to say of an exact determination of 
the exponent x. 

Before giving the detailed figures, the theoretical deductions of The free 
the e.m.f. of the cell from the energy of reaction may be discussed, in 1^^^^ °^. 
order to make clear to what extent uncertainty still exists about the tion of 
theoretical values, and how far the electrical measurements agree ^^ ^^°°^ 
with conclusions drawn from other sources. dements. 
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Using the same water-gas equation as on p. 175, and the equa- 
tion for the formation of COg given on p. 169, but with the value 
— 5*95 for the thermo-dynamically undeteimined constant justified 
by the above-quoted experiments of Nemst and v. Wartenberg, 
the energy of the reaction — 

Ha -f- $ H2O 

becomes — 

A = 57,790 - 0-87TZ/IT - 0-00025T2 _ 4.56X log ^"^ . - 5-95T 

Pn, X Pot 

The values of the e.m.f. of the oxygen-hydrogen cell derived 
from this formula are given as Ei in the following table. The 
values B2 are founded on the determinations of the equilibrium in 
the formation of water- vapour from the elements as described later 
on, which, by the help of the specific heats of Langen, allow the 
formulation of the reaction energy as — 

A = 57,066 - 2-974T/nT + 0-00125TH 7-6T - 4-56T logio-^-^ 

Pa, X Pol 

The values Ejare calculated from Nemt's new theory as developed in 
the Appendix to Lecture III., the expression for the reaction energy 
according to this theory being — 

A'" = 57,300 - V7bTlnT - 0-0003T=^ -f- 0-457T - 4-56T logio-^--^ 

PW2XP02 

In the numerical calculations of Ej, Eg, E3, the term — 

Pu2 X Pol 

is taken as uuity, and therefore the term 4*56T logi© — ^ equal 

Ph^ X P02 

to zero. In ordinary experimental cases this term will have a con- 
siderable influence, which may be easily found out by help of the 

4-56T 
figures in the last column, giving the equivalent of ^^ in volts. 

Multiplying this equivalent by the Briggs' logarithm of the ratio 

Ph 
2 — _ calculated according to the given experimental data, we 

P^i ^Po2 

find the figure which, subtracted from the values of Ei, E2, or Eg, 
produces the theoretical e.m.f. of the cell under the required 
conditions. 
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Temperature. 

E.m.f. of the cell in 

volts. 






4-66T. ,^ 
2p in volts. 






OC. 

absolute. 

El 

E2 

E3 


25 

298 

1-180 

1-177 

1-178 

0-029 

327 

600 

1-099 

1096 

1098 

059 

427 

700 

1-073 

1-068 

1-070 

0-069 

527 

800 

1043 

1-039 

1-040 

0-079 

627 

900 

1-015 

1-010 

1012 

0-089 

727 

1000 

0-986 

0-981 

0-981 

0-099 

827 

1100 

0-957 

0-953 

0-951 

0-108 

927 

1200 

0-928 

0-924 

0-920 

0-118 

1027 

1300 

0-898 

0-895 

0-889 

0-128 

1127 

1400 

0-869 

0-865 

0-857 

0-138 


It may be pointed out that, as the ratio - ^ . is in most cases 

a fraction, its Briggerian logarithm is therefore negative, and hence, 

as this value must be subtracted, it means an increase in the values of 

El, E2, or E3. Thus, in the case of the ordinary oxygen-hydrogen 

cell at 25° C— 

fp^^ = 0"969 atmosphere 

i^H, = 0-969 
2?H,o = 0-031 




therefore — 


^H,0 


further 


^H, X ^o 


= 0-0325 


0-029 X log 0-0325 = -00437 
subtraction of this from Ej, E2, or Eg gives — 


El 
1-224 


E. 
1-221 


Es 
1-222 


E found 
1-14 


The result shows the same difference of 80 milli volts as pointed E.m.f. of 
out in the text of Lecture V., on the basis of Le Chatelier's old ^l^\^ ® 
assumptions. This agreement proves that the determinations made 
since the publication of the German edition of this book, though 
they have greatly increased our knowledge on the subject, did not 
change the general aspect of the case derived from the few earlier 
figures. In connection with this it may be mentioned that Nernst 
and V. Wartenberg ^ deduced, in a paper published at the same time 

1 Qottinger Nachrichten (1905), Heft 1. 
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as the German edition of this book, almost the same theoretical 
value of 1*230 volts for the oxygen-hydrogen cell at 25° 0. The 
agreement becomes still better with a second calculation of Nernst 
and V. Wartenberg,^ which gives 1*225 volts for this e.m.f . 
Valnea Returning now to the practical work on the glass and porcelain 

Sa°^ ^d^ ^^^^ *'^® following experimental figures may be quoted :— 

porcelain 


oellB. 


(A) Hn)R0GEN Concentration Cells. 


Temp. 

Phj 

PH2 

E.m.f. (volt). 

Electrodes. 

Electrolyte. 

oc: 

Foand. 

Calc. 

470 
472 
560 
572 
860 
860 
1000 
1105 

22-85 
24-12 
47-65 
24-12 
11-04 
11-77 
11-04 
8-77 

0-093 
0-099 
0-138 
0-116 
0-111 
0-123 
0-134 
0-122 

0-099 
0101 
0-138 
0115 
0-116 
0119 
0-130 
0-127 

Pt 
Au 
Pt 
Au 
Pt 
Au 
Pt 
Pt 

• Glass 

>» 

Porcelain 



(B) 

Oxygen Concentration Cells. 



E.m.f. (volt). 


Temp. 

P02 


Electrodes. 





Fonnd. 

Calc. 


460 

51-9 

0-059 

0-062 

Pt 

475 

51-9 

0-058 

0-063 

Au 

560 

49-5 

0069 

0-069 

Pt 

572 

51-9 

0-075 

0-072 

Au 

860 

71-5 

0-101 

0-103 

Pt 

860 

51-0 

0090 

0'094 

Au 

1000 

38-7 

0-100 

0-099 

Pt 


Electrolyte. 


Glass 


» 


j> 


j» 


Porcelain 




Zeitschr, f.physikal (7Aemie, 56 (1906), 545. 


APPENDIX TO LECTURE V 


329 


(C) Oxygen-Hydrogen Cells. 

(The iigures given under e.m.f. calc. are the limits derived from the 
three different expressions for the reaction energy given before.) 


• 

Temp. 

PH20 

0-0282 
00282 
0-0274 
00321 
0-0387 
0-0448 
0-0345 

E.m.f. (volt). 

Electrodes. 

Pt 
Au 
Pt 

■ 

Au 
Pt 
Au 
Pt 

Electrolyte. 

OC. 

Found. 

1-164 
M65 
1-143 
1-151 
1-087 
1-097 
1-052 

Calc. 

460-470 
473-480 

560 
570-580 

860 

860 
1000 

/1-168\ 
11-174/ 
/M67\ 
\1-173/ 
/1-162\ 
\1-157/ 
ai51| 
11-156/ 
/l-098\ 
11-104/ 
/M05\ 

ll-lll/ 
/l-080\ 

11-089/ 

Glass 
Porcelain 


The oxygen-hydrogen cell has been studied further by W. H. Patter- 
Patterson.^ He continued the work done by Haber and Brunner (see ^"j.jj^*^'^^ 
p. 178), and found that iron inserted in molten alkali acted for oxygen- 
some time as a hydrogen electrode, while platinum, like other metals, hydrogen 
acted as an oxygen electrode. He found the following values for 
the e.m.f. of such cells at different temperatures, with sodium 
hydroxide as electrolyte : — 


Temp. ° C. ... 

348° 

382° 

420° 

458° 

510° 

575° 

E.m.f. found ... 

1-20 

1-19 

1-17 

1-16 

M3 

1-10 

E.m.f. calc. 

116 

M5 

114 

1-14 

1-13 

112 


The theory of this cell and the basis of the calculation may be 
seen in the text of Lecture V. (p. 175). Following a later publica- 
of Brunner and the author,^ Patterson uses for numerical calculation 
the equation given in this Appendix on p. 326. 

Whilst this work of Patterson is perhaps more supported by the Lewis's 
theory than vic^e versd, Lewis ^ has proved conclusively, in an inde- ^^^ ^^ 
pendent way, that the theoretical evaluation of the e.m.f. of the oxygen- 
oxygen-hydrogen cell for ordinary temperature is correct, and that ^y^'^gen 

1 Phil Mag. (1907), January. 

2 Haber and Brunner, Zeitschr,/. Eledrochem. (\dOQ\ 79. 

3 LewiB, Zeitschr. f.physik, Chemie,65 (1906), 465. 


330 THERMODYNAMICS 

Orove's cell does not possess the e.mi. corresponding to the 
reversible formation of oxygen from its elements. Lewis sncceeded 
in proving that the equilibrium pressure of O2, corresponding to the 
reaction — 

2Ag20$4Ag + Oa 

is equal to 6*0 x 10"^ atmospheres at 25°. Now, according to 
Bottcher,^ the concentration of Ag* and OH' ions in a saturated 
solution of AgaO at 25'' C. is 1*4 x lO"^ normal. From the data 
of Lewis upon the dissociation pressure of AgaO, it immediately 
follows that the e.m.f. of a cell — 

AgAgaO \ Saturated solution of AgaO i O2 (1 atmosphere) 
must be equal to — 

E = — ^— lo^io 5-^ 10^ = +0-049 volt 

On the other hand, from Bottcher's determination it follows that a 
combination, Ag i AgH* (Yi norm.) — OH' (Vinorm.) 1 O2 (1 atm.) 
would have an e.m.f. of — 0*405 volt if such a system could be 
made. Now, Lewis, determining carefully the value of Ag 1 Ag* 
(Vi norm.), finds it equal to —0*515 volt, the so-called normal 
electrode (Hg i HgClKCl Vi norm.) being taken as zero. 

Thus O2 (1 atm.) i OH (Vi norm.) = -0*110 volt, the normal 
electrode being taken as zero as before. By the help of the well- 
known value of Kohlrausch and Heydweiller for the dissociation 
of water at 25° (1*07 X 10"^ equivalents of H* and OH' being in 
pure water at this temperature), we find the e.m.f. of O2 (1 atm.) 
1 OH' (Vi norm.) - H- CA norm.) I 0^ (1 atm.) equal to + 0824 
volt, and therefore — 

O2 i H- V, norm. = 0-934 volt. 

Taking into account that the potential Ha i H* (Vi norm.) is 
known to be + 0"283 volt, the normal electrode being taken as 
zero, we finally find 1*217 volts for the e.m.f. of the combination 
O2 (1 atm) i H2O — H2O i Hg (1 atm.), which value, according to 
Lewis, can hardly be wrong by more than 0*01 volt. It differs, 
indeed, from the values for Bi, Eg, E3, given on p. 327, by not more 
than 0*004 to 0*007 volt. 
NemBt Cells of glass and porcelain tell us the reaction energy of 

Warten- oxygen and hydrogen up to 1000^ while dissociation measurements 

berg's ex- 

periments ' Bottcher, Zet^acAr./. |)Ay8*A;. C%e7r«te, 46 (1903). 521. 
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made by Nernst and v. Wartenberg ^ are at our disposal for on water- 
temperatures between 1124° and 1984°. Nernst and v. Wartenberg vapour 
used the same apparatus for the determination of the decomposition tion. 
of water-vapour as in the parallel investigations on the dissociation 
of CO2. The water-vapour introduced into the heated pipette came 
from a boiling flask of 250 c.c. capacity, containing water with a 
little alkali. The boiling flask was fitted with two platinum wires 
dipping into the liquid. A current of electricity of known strength 
passing through the water developed a definite quantity of oxy- 
hydrogen gases, which was passed along with the steam through the 
pipette, and there either increased or decreased their percentage 
according to the temperature. Equilibrium was thus approached from 
both sides. The steam coming from the apparatus was condensed over 
mercury, and the volume of the hydrogen-oxygen mixture, as well as 
that of the water, measured. Some corrections were found necessary, 
since the gases collected did not show the ratio 2 : 1 for 2Ha : O2, but 
contained an excess of Ha, probably due to some action of the steam 
on the walls of the pipette. The equilibrium was reached from both 
sides ; at temperatures below 1207° no shifting took place in the 
outlet tube, whilst at 1288° such a shifting could not be avoided. 

The amount of dissociation of water- vapour has been determined Experi- 
for higher temperatures first by Lowenstein ^ and later on by War- ^^^ of 
tenberg (/.c.) according to an ingenious scheme devised by Nernst. stein on 
Lowenstein used a cylindrical platinum bulb, 8 cms. in length and water- 
1*2 cms. in diameter, fitted with a capillary tube of the same metal sooktion? 
12 cms. long and of 0*5 mm. bore. This apparatus was connected 
through a drying tube with a manometer, arrangements being made 
such that after complete evacuation of the whole apparatus one limb 
of the manometer remained in connection with the bulb, the other with 
the pump, thus maintaining a vacuum over this limb. The bulb was 
enclosed in a tube heated electrically. Steam was passed through this 
tube, and the temperature measured with a thermo-couple in contact 
with the wall of the bulb. Hydrogen produced by the dissocia- 
tion of the water-vapour diffused rapidly through the platinum walls 
and produced a difference in pressure between the two limbs of the 
manometer. The pressure of the hydrogen so measured is equal to 
its dissociation pressure in the steam. A slight complication arose 
from the fact that the hydrogen which diffused through the walls of 
the heating tube left an excess of oxygen in the steam, and thereby 

1 Gottinger Nachrtchten, 1905, Heft 1 ; Zeitschr. /. physik, Chemie, 56 
(1906), 513 and 534. 

2 Zeitschr. f.jphysik. C%c7»*e, 64 (1906), 715. 
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diminished the dissociation. Making allowances for this, the 
following figures were found : — 


°C 1432° 

1610° 

1590° 

1695° 

Dissociation % ... 0*102 

0-182 

0-354 

0-518 


Experi- 
ments of 
Langmnir 
and Holt. 


Sammary 
of data on 
water- 
yaponr dis- 
sociation. 


V. Wartenberg applied the same method at higher temperatures, 
using an iridium bulb and an iridium furnace. He first tested the 
permeability of the iridium bulb at 2000° against Og and Ng, and found 
it almost zero. The experiments were carried out in the following 
manner : the iridium bulb was evacuated by help of the mercury 
pump ; the manometer, arranged differently than in the experiments 
of Lowenstein, was read, and the temperature of the bottom of 
the bulb determined photometrically. Then steam was blown 
through the furnace for five minutes, the pressure in the mano- 
meter becoming steady within this period. Air instead of steam 
was now blown through, and the pressure to which the manometer 
returned determined. The following figures were derived from 
these experiments : — 

t^ C. x% of disBociation. 

1882 1-18 

1984 1-77 

It still remains to mention experiments of Langmuir carried out 
in the same manner with water-vapour as with carbon dioxide (see 
p. 317). The results of these experiments are in agreement with those 
of Nerost and v. Wartenberg. 

Different results for high temperatures have been found by Holt,^ 
who passed a current of steam, like Langmuir, along a platinum wire 
heated to temperatures from 950° up to 1760°. His figures do 
not differ much from those of Nernst and v. Wartenberg and from 
those of Langmuir for low temperatures, but fall much below 
them at higher temperatures. 

In conclusion of this part we quote the following table, calculated 
by Nernst and v. Wartenberg from the experimental work of 
Nernst and his co-workere. 


T. 


1000 
1500 
2000 
2500 


P = 10 atms. 


1-39 X 10-6 
1-03 X 10-2 
0-273 
1-98 


P = 1 atm. 


3-00 X 10-^ 
2-21 X 10-2 
0-588 
3-98 



P = 0-01 atm. 


1-39 X 
0103 
270 
16-6 


10-* 


1 Phil Mag,, 1907, 630. 
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Referring to pages 176 and 177 of this book, we find that there 
a dissociatioii of 0*01 per cent, to 0*02 per cent is calculated for 
1473° abs., and of 2*5 per cent, for 2246° abs. The first of these 
figures, given in the German edition before any of the experimental 
work mentioned in this appendix had been done, agrees closely with 
the calculations lately given by Nernst and v. Wartenberg, namely — 


Oabs. 

Per cent, of dissociation. 

1400 

0-0086 

1500 

0-0221 


while the second one corresponds, according to Nernsb and v. Warten- 
berg, to a temperature only 100° higher. Thus the great progress 
of our knowledge has confirmed rather than changed our ideas of the 
dissociation water at different temperatures. Looking back at the 
results reported here, we see, as in the case of COg, that only 
the dissociation at the highest temperatures attainable by combination 
of Oa and H2 still lacks investigation. 

In the text of Lecture V., following the discussion of the energy The 
of the formation of CO2 and H2O, the equiUbrium in the Deacon ^o«»i^ 
process is discussed. Considering the small amount of experimental 
work which formerly underlay the theoretical treatment of both 
these fundamental reactions, the fact that the expression for the 
water- vapour equilibrium derived from that of carbon dioxide by 
help of the water-gas equilibrium could be combined with the expres- 
sion for the HCl equilibrium to a formula which agreed so closely • 
with the experimental results of Lunge and Marmier was valuable 
confirmation. This long, indirect method gave us 1'73 at 480°, and 
for the 2"42 at 430° constants of the Deacon process. The direct 
measurements of Lunge and Marmier gave us 2*00 and 2*51 
respectively for these two temperatures. 

It may perhaps be mentioned that Bodlander, whose work on gas 
equilibria was quoted on p. 69, did not overlook the possibility of 
deriving the Deacon process equilibria from the other gas equilibria. 
He failed in his attempt to do this, because his assumptions for the 
other gas equilibria were not near enough to the truth. During the 
translation of this book the Deacon process has been studied by 
Gilbert N. Lewis,^ and by Vogel v. Falkenstein.^ 

Lewis worked with HCl and O2 as original substances, reaching Lewis* ex- 
the equilibrium from one side only. He used a glass cylinder of P®™^®"^*"* 

1 Amer, Chem. Journal, 28 (1906), 1380. 

2 Zeitschr,/, physik. OAemtc, 69 (1907), 313; Sin^Zeitschr./.Electrochem,, 
1906, 41. 
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200 c.c. capacity, half filled with pieces of pumice-stone about the 
size of a pea. This pumice-stone had been saturated with copper 
chloride and dried in a current of hydrochloric acid gas. The 
cylinder was heated in a fused mixture of sodium and potassium 
nitrates. The HCl and Oa mixture, kept over concentrated sulphuric 
acid, was passed into the cylinder, and after remaining there a suit- 
able time, was withdrawn through a drying tube containing glass beads 
wet with H38O4 into a pipette, from which samples of the gases could 
be taken out for analysis. The process was an intermittent one, 
samples of the mixture always remaining half an hour in the reaction 
cylinder before being withdrawn. The cylinder was repeatedly filled 
and exhausted before the real experiments were performed, so as to 
establish constant conditions in the cylinder and drying tube. The 
composition of the final gas mixture was analyzed by absorbing the 
HCl and Cl^ with an aqueous solution of potassium iodide and 
measuring directly the volume of the oxygen. The solution was then 
titrated first with thiosulphate and afterwards with potassium hydrate, 
using phenolphtlialein as indicator. The procedure was later on 
simplified, as it was found that the amount of O2 could be calculated 
with sufficient accuracy from the composition of the original gas 
mixture ; thus only the ratio of HOI and Cla in the final mixture had 
to be determined. The following values for 


were found : — 

1 

i^Hci X 'p\^ 



p 
\j» • • • • • • 

352 

352 386 

386 

419 

K found 

415 

3-95 2-94 

301 

2-40 

K calculated ... 

4-02 

402 3-02 

3-02 

2-35 


Lewis obtained these calculated values on the assumption that 
the change in heat capacity at constant pressure during the re- 
action is zero ; the heat of reaction being therefore independent of 
the temperature under the experimental conditions. Taking this heat 
of reaction as 

HCl + iOa = iHaO + iCla + 6900 calories 

Lewis deduces the expression ^ — 

^ 1509 , ^,, 
logio K = -Tj,- - 1-811 

* This formula is of the same type as the formula of Bodlander — 

, „ 1484-7 ^ .„, 
logio K = — Tji 2-434 

The difiference in the results, however is a marked one, the value 2-35 
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The values for K calc. given above are derived from this 
formula. Lewis quotes experiments of Lowensbein in favour of his 
formula made according to the method as before described (see p. 331). 
Thej indicated that at 1537° HCl is 0*274 per cent, dissociated. 
Taking into account the values for the dissociation of water found 
by the same author, Lewis derives the constant K = 0*133 for the 
temperature 1537°, while his equation given above gives K = 0*106 
for the same temperature. Surely Lewis is right in saying that this 
is a very surprising agreement considering that this value is obtained 
by exterpolating through more than 1000°. On the other hand, 
calculating from his expression for the equilibrium in the Deacon 
process the value of K for 25°, and combining this with Dolezaleek's 
results (see Lecture IV.), he finds the value 1*207 volts for the 
e.m.f. of the oxygen-hydrogen cell at 25° 0. That is to say, only 
one centivolt less than the value obtained by his other method 
described before. 

Vogel V. Falkenstein has determined the equilibrium in the Vogel v. 
Deacon process from both sides at temperatures of 450°, 600°, and "^^^f^'^j. 
650°. His catalyst at the lowest temperature was cupric chloride, and periments. 
platinum chloride at the higher ones, both catalysts being finely 
divided on asbestos. The oxygen-hydrochloric acid gas mixture was 
made by passing electrolytic oxygen through hydrochloric acid of 
known strength and at a known temperature, and drying the resulting 
gas mixture with concentrated sulphuric acid. The chlorine-water 
vapour mixture was prepared by passing electrolytic chlorine through 
water at a known temperature. In both cases the gases passed without 
interruption through the reaction chamber, which was heated 
electrically to the desired temperature. 

In these experiments the time of reaction was shorter than in 
those of Lewis's, and in consequence equilibrium was only reached 
at temperatures higher than 430°. The following table of values is 
computed for — 

from the results of v. Falkenstein, the experiments starting with O2 
and HCl being given under " direct process," and those from CI2 and 
H2O being under "reverse process:" — 

corresponding, according to Lewis's calculation, to 419*^, while according to 
Bodlander's formula it should correspond to 256°. The source of the 
difference lies in the fact that Bodlander, who was convinced of the agreement 
of the e.m.f. of Grove's cell with the theoretical value for the oxy-hydrogen 
cell, formed his expression to coincide with this assumption. 
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Besults 
and calcu- 
latioDB. 


Degrees C. 


K. 

1 
Direct process. Reverse process. 

450° 
[600 
650 

2-31 

0-98 
0-804 

2-22 

1-04 
0-789 


Mean value. 


2.26 

102] 
0-794 


The values for 600° are in brackets, as only a few experiments were 
made at this temperature.. 

The agreement of Vogel v. Falkenstein's results with Lewis's is 
by no means good, the constant 2*40 corresponding, according 
to the former, to 442^*, while Lewis found it at 419°. 

For the theoretical discussion Vogel v. Falkenstein uses first the 
expression — 

1447*5 
log K = - yjT- - 0-4375 logioT - 0-0000325T - 0*35 

which corresponds to Nernst's theory as developed in the Appendix 

to Lecture IIL As this equation does not express Lewis's results, 

he derives the following formula : — 

1407.5 
log K = — Y 0-534 log T - 2-1425 X 10-*T + 1-7075 

X lO-^T + 0-074 

on the basis of the specific heats of Holborn and Henning. The 
calculations made according to the above formula are compared with 
the experimental facts in the following table. In the last column 
are added values derived from the formula given by the author in 
the text of the Fifth Lecture. It is interesting to note how nearly 
the old formula agrees with the new experiments. 





K calc. 

K calc. 

Degrees C. 

K fonnd. 

Experimenter. 

(Falken- 
stein). 

according to 
p. 185. 

352 

4 02 

Lewis 

4-70 

4-57 

386 

302 

)) 

3-53 

3-40 

419 

2-35 

J) 

2-76 

2-62 

430 

2-5 

Lunge and Marmier 

2-53 

2-42 

450 

2*26 

V. Falkenstein 

2-22 

2-10 

480 

20 

Lunge and Marmier 

1-35 

1-73 

600 

1-02 

V. Falkenstein 

0-99 

0-90 

650 

0-794 

» 

0-806 

0-728 

1 
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Furthermore, we can derive from our old formula the equilibrium 
constant for 1537°, and we find — 

Kx587 = 0123 

while, as Lewis pointed out, the experiments of Lowenstein show that 
the value at this temperature is — 

Ki537 = 0-133 

Thus the agreement for both high and low temperatures is 
astonishing, strongly supporting our statement that the great 
increase in experimental data rather confirms than changes our views 
on the location of these gaseous equilibria. 

It may be mentioned, in addition to this discussion of the Experi- 
Deacon process, that Levi and Battoni ^ investigated the alleged Le^j^nd 
chemical changes of the cupric chloride acting as catalyst in the Battoni. 
reaction, but were unable to find either cuprous chloride or cupric 
oxychloride. They state that the aflSnity for water is the reason for 
the catalyst's activity. 

* Qaz. Chim. Ital, 35, i. 320. 
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I. The theory of heterogeneons reactions has been further developed. 
Bodenstein and Stock ^ have shown that, in the decomposition of 
stibine at ordinary temperatures, which is greatly accelerated by 
finely divided antimony, the velocity of decomposition is determined 
by the velocity in the layer of absorbed gas covering the particles of 
antimony. The mass M of this absorbed gas is connected with the 
concentration C of the gas in the free gas space by the relation — 

What we know regarding the effect of changing temperature on p 
may be summarized by saying that at very low temperatures p is 
small, at high temperatures nearly equal to unity, and at ordinary 
temperatures about equal to 0*5. The factor a is different for 
different substances. 

The mass decomposing in unit time is proportional to the 
absorbed mass ; that is — 

at 

Referring the amount of decomposition to the total quantity present, 
which is equal to the concentration C when its volume is one in 
arbitrary units, we obtain for the reaction velocity V the expression — 

Putting^ = 0*6, we have — 


-0-4 


c 

This expression agrees excellently with the observations at 25°. 
It appears that the catalysis of oxyhydrogen mixtures by porcelain 
belongs to the same class as the catalysis of stibine, whilst the 
catalysis of oxyhydrogen mixtures and of mixtures of SO^ and Oa 
by platinum appears to be governed by diffusion velocities. The 

1 BerL Ber,, 40 (1907), p. 570. 
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difference in the catalytic e£Fect of porcelain and platinum discussed 
in the Seventh Lecture, and its reference to differences in the velocity 
of the chemical change, are thus fully confirmed. 

II. When the location of an equilibrium is known, measui:e- 
ments of the rate of formation or of decomposition may serve to 
determine the oijier of the reaction involved. H. v. Wartenberg ^ 
succeeded in demonstrating in this way that the formations of water 
from the elements at 1100'^ and of carbon dioxide from carbon 
monoxide and Oj at 1200° to 1300° are dimolecular reactions. But 
it should here be noted that kinetic equations in their simple form 
only apply to reactions at constant volume. If the number of 
molecules changes during the reaction at constant pressure, as it 
does in the formation of water or of carbon dioxide in a stream of 
gas, then, as Wegscheider ^ has shown, we must calculate somewhat 
differently. 

In a given quantity of an oxyhydrogen mixture the amount 
changed ^/i in the time dt is given by the equation — 

where j- signifies the amount changed per unit of volume, and V 

the volume of the oxyhydrogen mixture. We also may write — 

dfK ^ -j.dx 
dt"^ ^~dt 

If now (Ml - 2fi) is the amount of unchanged hydrogen still present 
at the time t, and (Mj - ft) the corresponding amount of oxygen, 


then- 


dx __ ,/ Mi - 2fi \Y Ma - ft \ 
'di'\ V, )\ V, / 

^ d,i k(M^ - 2ft)2(M2 - ft) 
^^*^ = Vf 

But the volume V« is known from the known initial volume and 
the change of volume during the reaction. The former is, where 
Ml and M2 are reckoned in gram-molecules — 

^(Mi + M.) 

1 Zeitschr,/. Fhysik. Chem., 56 (1906), 513. 
^ Ibid,, 35 (1900), 578. 
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RT 

The latter eqncJs — —/a,' since when a gram-molecule of oxygen 

(n = 1) is used np, the volame of the gas mixture decreases by one 
molecular volume. We obtain then, for constant pressure, including 

--«-" ill ^^ constant — 
V 

dii. _ Td^VL^ - 2ft)»(Ma - ft) . 
dt" (Ml + Ma - i^y 

If Ml and Ma are equivalent, M^ = 2M2, and if we express the 

amount changed in fractions of the initial amount present ( «? = -/t ) 

we obtain — 


(dx\ __ r(l - X 
Kdt/p (3 - x) 


2 


(;j. =r(l-a!)3 


while the corresponding kinetic equation for constant volume was — 

/dx\ 
Kdtl 

It is important, however, to keep in mind that in the derivation of 
both formulae it has been assumed that the reaction takes place in a 
homogeneous system. Consequently, as soon as a gas reaction takes 
place on a catalytic surface neither formula is entirely rigorous. 

III. Recent investigations have shown that among those gases 
which are stable at high temperatures, but which exhibit a tendency 
to decompose as they cool off, nitric oxide is unique in the slowness 
with which it decomposes. Thus Clement^ found that at 1000° a 
gaaeous mixtures containing 1 per cent, of ozone decomposes 
spontaneously in 7 x 10"* seconds to a content of a thousandth 
part of a per cent. It is, consequently, diflScult to prepare ozone 
thermically. Nevertheless Fischer," in conjunction with Braehmer 
and Marx, has succeeded in obtaining ozone by means of heat in a 
number of different ways. They burned hydrogen and other com- 
bustible gases in liquid air or liquid oxygen, and found ozone in the 
residual air or oxygen. They obtained the same result by heating a 
platinum wire or a Nernst filament to a white heat in liquid oxygen. 
Indeed, in this last case the ozone content corresponded very nearly 
to the amount required by theory. That is, one can calculate from 
the e.m.f. of an ozone-oxygen cell approximately what the ozone 

1 Anndlen der Physik,, (IV.) 14 (1904), 334. Compare also Jahn, Zeit. 
/. anorg, Chem., 48 (1906), 260. 

2 Berl. Ber., 39 (1906), 940 and 2557. 
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concentration would be when in equilibrinmat different temperatures 
with oxygen at atmospheric pressure.^ It is found that at 1296° a 
content of 0*1 per cent., and at 2048° a content of 1 per cent, (by 
volume), should be stable. This agrees approximately with the 
results of Fischer and Braehmer. It is possible to prove that ozone 
is formed in the combustion of hydrogen and around a Nernst 
filament glowing in oxygen, even without the use of liquefied gases, 
by simply forcing air or oxygen at a high-enough speed over the 
hydrogen flame or filament. If the cooling gas is not forced by 
rapidly enough, nitric oxide is formed. The ozone has time to 
decompose, but the nitric oxide does not. 

Hydrogen peroxide was also formed in the combustion experiments 
when the .velocity of the cooling gas was very great, but, strange to 
say, none was detected in the experiments with liquid air or oxygen. 
It» rate of decomposition is also very great, approaching that of 
ozone.^ Its formation by the sudden chilling of a hydrogen flame 
with ice has been well known since the experiments of Traube. Its 
concentration at equilibrium can be calculated from the difference 
between the potentials of oxygen and hydrogen peroxide. Nernst^ 
made the calculation on the assumption that the difference of 
potential amounted to 0*374 volt. Meanwhile it has been found 
that the potential then assumed for oxygen was some 0*12 or 0*13 
volt too low. The author now finds, from his measurements of the 
hydrogen peroxide and the oxygen potential, that the difference is 
0*42 or 0*43 volt. Calculating from this value, the stable content 
of hydrogen peroxide at these high temperatures is found to be 
somewhat less than Nernst^s values. 

Nitrous oxide is the only other endothermic compound of this 
class where rate of decomposition has been measured. Hunter^ 
finds that its rate of decomposition is considerably less than that of 
ozone or hydrogen peroxide, but still at about 800° is a thousand 
times greater than that of nitric oxide. This shows clearly why, in 
preparing nitric oxide at high temperatures, the formation of nitrous 
oxide has never been observed. 

IV. Warburg and Leithauser*^ have shown, in contradiction to 
the older observations of Berthelot, that when a direct current 

1 Nernst, Z&itfur Electrochem, 9 (1903), 891. 
Ibid., 11 (1905), 713. Compare Finckh, Zeit. f.anorg. Ohem., 45 (1905), 
116. 
3 Zeitphys. ch&m., 46 (1903), 720. 
* Ibid,, 63 (1905), 441. 
» Annalen der Fhysik., [4] 20 (1906), 743. 
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is sent either throngh dry or moist air at atmospheric pressure the 
nitrogen is partially oxidized, even at temperatures between 19° and 
200°. It therefore becomes doubtful whether the formation of NO 
from Ns and 0^, in the electric arc is purely a thermic process. 
Warburg and Leithauser used potentials of 5500 to 10,000 volts, and 
current strengths of 0*14 to 0*4 milliampere. One electrode con- 
sisted of a pair of platinum points, the other of a piece of sheet 
platinum connected with the earth. The quantity of oxidation pro- 
ducts formed was, to ,be sure, very small, about a mol of IJO being 
formed in the most favourable cases per ampere hour, or, on the 
basis of a potential of 10,000 volts, about 0*1 mol per kilowatt hour. 
Usually the yield was not so good (about 0*05 mol per kilowatt 
hour, or 3 grams of HNOj per kilowatt year). The reason of this 
formation of nitrous vapours by still electrical discharges is not yet 
clear. One might think that photochemical action was perhaps 
responsible, because we know that this is usually the cause of the 
formation of ozone. But if it is, then only wave-lengths less than 
0*2/ui can be operative, for Ereussler ^ has shown that only such are 
absorbed to any extent by air. On the other hand, Warburg's 
experiments furnish ground for the assumption that ozone is pro- 
duced in still electrical discbarges by electronic impacts. Warburg 
came to the conclusion that the negative glow and the positive 
column in point discharges indicate a high velocity of the gaseous 
ions, and that the collisions of these rapidly moving ions ^ith the 
gas molecules cause chemical reactions to t»ke place (ozonization), 
which would not occur were the motions less rapid. A similar action 
of rapidly moving ions might contribute to the formation of the 
oxides of nitrogen, both in the still electrical discharge and in the 
high-tension arc. Nevertheless, since there are no facts known 
which disagree with the thermic explanation of the action of the arc, 
we had best adhere to that explanation for the present. 

V. New data are now available bearing on the velocity of forma- 
tion and decomposition of the oxides of nitrogen. These data, which 
are derived from experiments performed in tubes heated from the 
outside, do not, however, provide us with any simple picture of what 
takes place when these reactions are brought about by the electric arc. 

A series of experiments by Pinckh* first deserves notice. He 
repeated Bunsen's experiments upon the oxidation of nitrogen by 
the explosion of an oxyhydrogen mixture in the presence of an 

1 Wied. AnnaJm, 6 (1901), 412. 

* ZeiLf. anorg. Chem,, 46 (1905), 116. 
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excess of air. He covered the mercury used to seal off the exploding 
gas mixtnre with a thin layer of 10 per cent, potassium hydroxide in 
order to prevent the nitrons or nitric acid formed from acting on the 
mercury. Equilibrium was not reached because of the relatively low 
temperatures attained, these being, in the two series of experiments 
according to calculations of Nernst,^ 2307° and 2402''. Nernst assume, 
as a first approximation, that the formation of NO takes place 
isothermally at the maximum temperature, and puts the time of 
reaction proportional to the square root of the initial pressure of the 
gas mixture. In this way he calculates values for the yield which 
are very close to those actually obtained by Pinckh. Finckh found 
the concentration of NO at equilibrium at 2307 ° to be 2'05 per 
cent. ; at 2402°, 2*23 per cent. These numbers are very similar to 
those found by other investigators in entirely different ways. 

Certain experiments by Jellinek ^ afford a surer basis for calcula- 
tion. He studied the rate of formation and decomposition of nitric 
oxide in porcelain, platinum, and iridium vessels at temperatures 
varying from 689 ° to 1750°. He found that the velocity constants 
throughout the whole temperature interval studied were doubled for 
every 60° rise in temperature. To be sure, the walls of his vessels 
exerted a somewhat disturbing catalytic effect. 

The equilibrium was reached even at 2800° in the thousandth 
part of a second. We can predict that at a temperature of 3300° the 
same result would be attained in 10"' second. If, then, the arc light 
consists of a heated thread of gas only 0*01 mm. in thickness, equili- 
brium would be very nearly attained even if the air were forced 
through at a rate of 1000 m. per second, provided no other factor 
enters in. Similar considerations hold for the rate of decomposition, 
so that it is surprising that the air can be withdrawn from the arc 
without much trouble, and its NO content still kept up to 7 per cent. 
On the other hand, it is known that if a stream of air is blown 
through an alternating current arc with the greatest velocity, only a 
very small amount of NO is formed. 

YI. Gran and Russ^ have undertaken a thorough investigation 
of the formation of nitric oxide in stationary high-tension arcs. 
They used cooled capillaries in sucking their samples of gases out of 
the arcs. With arcs 3 cm. long they succeeded in obtaining a gas 
mixture containing as much as 5 per cent. NO, corresponding, accord- 
ing to the equilibrium measurements of Nernst, to a temperature of 

1 Zeit /. anorg, Chem,, 45 (1905), 126. ^ jn^^^ 49 (19O6), 229. 

^ Sitzungsber, d, kais, Acad, Wien, 116 Ila. (1906), 157. 
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3100°. They concluded that this content represented the true 
eqnilibriam concentration, using air and an arc of the given length. 
Using arcs 5 cm. long, they improved the yield to as much as 6*6 per 
cent. NO. The yield in their experiments corresponds to between 
500 and 600 kg. HNOg per kilowatt year, and they promise still 
better yields using long arcs. This proposal is, indeed, contained in 
the French patent of the Badische Anilin und Sodafabrik. We 
cannot deal here with the already extensive literature, or the rapidly 
increasing number of patents dealing with the technical preparation 
of nitric oxide. They can be found in the recent volumes of the 
ZeiUchrift fiir Elektrochemie either as original articles or as abstracts. 

YII. Baur has attempted, in his book on '* Spectroscopy and 
Oolorimetry,'' ^ to explain the radiation phenomena of flames without 
the assumption that luminescence takes place in them. He explains, 
for instance, the intense green light which the inner cone of the 
bunsen burner sends out when the primary air-supply is large, by 
the hypothesis that under these conditions methane is present in the 
brightly radiating layer. Its absorptive power, according to all the 
measurements we possess, is large, so that we can assume a high 
coefficient of emission. Since, now, there is no methane in the 
layer of gas in immediate contact with the burning zone, a differ- 
ence in the brilliancy could be brought about in this way. 

Dr. Lacy, however, has tried in vain, in the author's laboratory, 
to produce a lighting effect by blowing methane into a flame of 
benzene at a point above the inner combustion zone, even when the 
methane had been previously heated by passing it through hollow 
Nernst rods heated for several centimetres to a very high tem- 
perature. 

Further, it should be observed that the difference between the 
absorptive power of carbon dioxide and methane (1 : 4'5) is not 
sufficient to explain the difference between the radiation from the 
inner cone and the adjacent layers of the bunsen flame. The 
unbumt gas-air mixture does indeed contain 7 per cent, methane 
which is not present in the burnt mixture, but, on the other hand, 
the latter contains a considerably greater amount of water-vapour 
and carbon dioxide. 

VII. Mayer and Altmayer^ have investigated the stability of 

* Vol. V. of Bredig's **Handbuch der angewandten physikalischen 
Chemie." Leipz^, 1907. 

2 Berl. Ber., 40 (1907), 2134. 
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methane, and find that at one atmosphere pressure the following 
percentages are stable in the presence of hydrogen : — 

Temp. C. ... 250° 450° 550° 750° 850° 

Percent. ... 98-79 7G-80 4G-69 6-08 159 

The thermodynamic expression for the equilibrium — 

C+2H2:^0H4 
is — 

21-1 + ^^^ - 5-9934?;iT - 0-002936T = EZ^^ 

It is evident from this expression that with decreasing hydrogen 
pressure the equilibrium pressure of methane rapidly falls. Thus 
at 850°, where at atmospheric pressure 1*59 per cent, methane 
is an equilibrium with hydrogen whose pressure is then 0'9841 
atmospheres, a decrease of the pressure of the hydrogen to O'l 
atmosphere lowers the methane content to 0*016 per cent. This is 
the very limit at which methane can be analytically detected. By 
combining the methane equilibrium with the carbon dioxide 
equilibrium — 

C + CO2 :$ 2C0 

we readily obtain the equilibrium — 

C02 + CH4:^2CO + 2H2 

between carbon dioxide, methane, carbon monoxide, and hydrogen. 
This can be done by simply subtracting the expression for the carbon 
dioxide equilibrium from the expression we have just given for the 
methane equilibrium. 

The carbon dioxide equilibrium has recently been more accurately 
investigated by Mayer and Jacoby (private communication). The 
measurements show that above 750° a complication sets in, but, 
using the values obtained below this temperature, we derive the 
expression — 

15-8 - ^^^^ + 3-54/mT - 0-003136T = R7/^^ 

T i?002 

Subtracting as indicated above, we obtain — 

^5.3 _ 1^ + 9-5334//IT - 0-0002T = mn^^^J^ 

T ^C02 X i7cH4 

We see immediately, from this expression, that in hot water-gas 
containing a few percents of CO^, CO, and Ha no perceptible 

z 2 
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amount of CH4 can exist in equilibrium even at a red heat. Any 
methane found in the flame must, therefore, represent simply traces of 
the original substance which have escaped oxidation and decomposi- 
tion in the inner cone. 

We can consider the reactions — 

2C + Ha :$ C2H2 
and 20 + 4H2 ^ 2CH4 
in an entirely analogous way. Their difference is — 

20 H4 1^ C2H2 + SHj 

The acetylene equilibrium as represented by the first of these 
reactions has recently been studied by v. Wartenbcrg.^ It appears 
from his results that the expression — 

Rhi^''^' = ^^^ + 0-00457T + 4-57 
is not far wrong. We then obtain — 

R?,?^2H2 X;^ ^ -— ;^ + 12lnT4.\)7 + O'OlT + 87-68 

?^CH4 T 

From this expression we see that any analytically detectable trace of 
methane would have a very strong tendency to dissociate into 
acetylene and hydrogen. The fact that traces of methane do never- 
theless persist is evidence of the extraordinary slowness with which 
methane reacts at high temperatures. The well-known difficulty of 
igniting a mixture of methane and air in the absence of hydrogen is 
closely connected with this same phenomenon. 

* ZeiLf. anorg. C/iemie, 52 (1007), 299. Data are here given regarding 

the equilibrium — 

2CN + H2:^2HCN 

and related reactions. 
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